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Dissolved silicon (DSi) is an essential nutrient for numerous terrestrial and aquatic organisms. In 
freshwater systems, including streams, rivers and lakes, an important class of siliceous algae are 
diatoms. Human activities, including land use changes, nitrogen (N) and phosphorus (P) 
enrichment, and hydrological alterations, have caused a decrease of DSi availability relative to N 
and P. In turn, these changes in macronutrient availability may contribute to shifts in 
phytoplankton communities that increase the likelihood of nuisance and harmful algal blooms. 
Internal loading of nutrient silicon (Si) from bottom sediments is one key process regulating the 
availability of DSi in the overlying water column. The magnitude and timing of internal DSi 
loading in freshwater bodies are controlled by biogeochemical reactions in sediments whose 
mechanisms and kinetics remain to be fully understood. In this thesis, I use controlled laboratory 
experiments to unravel the roles of different reaction pathways in the immobilization and release 
of DSi in freshwater sediments. Starting with initially very simple synthetic reaction systems, I 
progressively include additional components, specifically iron (Fe) and P, in order to mimic more 
realistic biogeochemical reaction networks, and ultimately, perform experiments with real 
freshwater sediments. 
After an introduction of the Si biogeochemical cycle, a review of the literature, and an outline of 
my thesis (Chapter 1), I present a study on the dissolution kinetics of amorphous silica (ASi) as a 
function of pH and salinity across the ranges typically found in natural freshwater (Chapter 2). The 
surface properties of ASi of various synthetic and natural sources are characterized with 
potentiometric titrations whose results are interpreted with the help of a constant capacitance 
model. Next the dissolution kinetics of ASi are measured in batch experiments, and the observed 
dissolution kinetics of ASi are fitted to a surface reaction model. The results confirm the previously 
reported non-linear relationship between the dissolution rate of ASi and the degree of 
undersaturation, implying that at least two dissolution rate constants are needed to describe the 
dissolution kinetics at high (typically, >0.4) and low (typically, <0.4) degree of undersaturation. 
In addition, the lack of correlation between the total measured electrical charge and dissolution 
rate constants provide a way to estimate the fraction of internal silanol groups in porous ASi 
materials. The quantitative relationships between the dissolution rate constant of ASi and 
environmental variables, including pH, degree of undersaturation, and salinity obtained in Chapter 
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2 contribute to the general framework for predicting dissolution rates of ASi in freshwater 
environments. The dissolution of ASi is the first step to recycling ASi back to bioavailable DSi in 
surface water. 
Based on the findings in Chapter 2, the effects of Fe(II) adsorption on the dissolution kinetics of 
ASi are assessed in Chapter 3. A series of batch reactor experiments with variable amounts of 
aqueous Fe(II) added to ASi suspensions are conducted under anoxic conditions. Experimental 
results show that the presence of Fe(II) under anoxic conditions retards the release of DSi, with 
the magnitude of the retardation dependent on the initial Fe(II) concentration. Trace amounts of 
Fe(II) slow down the release of DSi probably by forming bidentate surface complexes which block 
reactive sites on ASi, rather than through the formation of new ferrous iron silicate phases. A 
Langmuir adsorption model that incorporates two types of surface groups (silicate groups bonded 
to the silica lattice via two bridging oxygens, Q2 groups, and silicate groups bonded to the silica 
lattice via three bridging oxygens, Q3 groups) is used to describe the effect of Fe(II) on the 
dissolution kinetics of ASi. The modeling results suggest that Fe(II) preferentially adsorbs to the 
Q2 groups. In addition, Fe(II) ions adsorbed to the two types of surface sites have contrasting 
effects on the dissolution kinetics of ASi, inhibiting dissolution by stabilizing Q2 sites, and 
enhancing dissolution by catalyzing the detachment of Q3 groups. Thus, the redox cycling of Fe 
can induce an apparent redox dependence of ASi dissolution, which consequently affects the 
recycling rate of ASi and the timing of DSi release in freshwater systems.  
In Chapter 4, I investigate the effects of the oxidative precipitation of Fe(II) on the immobilization 
of DSi in the absence of ASi. I present kinetic data on the concurrent consumption of aqueous 
Fe(II) and DSi during their co-precipitation in batch experiments, at different pH values and in the 
presence of variable initial dissolved phosphate (DP) concentrations. The data, combined with 
kinetic modeling, indicate that the consumption of DSi during Fe(II) oxidation proceeds along two 
pathways. At the beginning of the experiments, the oxidation of Fe(II)-DSi complexes induces the 
fast removal of DSi. Upon complete oxidation of Fe(II), further DSi removal is due to adsorption 
to surface sites of the Fe(III) oxyhydroxides. The presence of DP effectively competes with DSi 
via both of these pathways during the initial and later stages of the experiments, with as a result 
more limited removal of DSi during Fe(II) oxidation. Additionally, results from heterogeneous 
column experiments show that in porous media the transport of dissolved reactants imposes further 
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controls on the oxidation kinetics of Fe(II) and, therefore, on the removal kinetic of DSi. Overall, 
I conclude that the oxidation of Fe(II) can immobilize DSi, but that DSi immobilization is strongly 
diminished in the presence of DP.  
In Chapter 5, I present the results of experiments using a natural sediment collected from a pond 
in Cootes Paradise marsh, Ontario. Flow-through experiments with sediment columns are carried 
out by flowing anoxic solutions containing variable concentrations of Fe(II), DSi and DP via the 
lower inlet. The outflow side of each columns is exposed to aerated water, hence creating an oxic 
upper layer of sediment in the columns. The inflow of Fe(II) causes the retention of DP in the 
sediment as a result of the precipitation of Fe(III) in the uppermost sediment. However, the Fe(III)-
enriched surface layer is unable to completely retain all the DP supplied to, as well as produced 
within, the sediment columns, resulting in considerable DP flux across the sediment water interface. 
In contrast to Fe(II) and DP, there is little evidence of DSi retention within surficial Fe(III) rich 
precipitates when the column surface is exposed to oxic conditions. When anoxia is induced in the 
overlying water, the release of Fe(II) and DP from the columns is enhanced significantly. However, 
no corresponding changes to DSi efflux are observed upon switching to anoxic overlying water. 
The constant net production of DSi in the sediment is likely due to the dissolution of naturally 
occurring biogenic silica. Overall, the results with the natural sediment confirm that, at near-
neutral pH, the presence of high DP concentrations inhibit the co-precipitation and adsorption of 
DSi with Fe(III) oxyhydroxides, hence preventing DSi retention in sediments at the interface with 
oxic overlying water. Therefore, I conclude that the speciation and stability of legacy P pools in 
sediment, as well as recent P inputs exert a control on the capacity of sediment to release or retain 
Si by decoupling Fe and Si cycling. 
In the final chapter of my thesis (Chapter 6), I summarize the main findings of my research, as 
well as their implications for the recycling of nutrient Si in freshwater environments. I further 








和磷（P）的富集以及改变河流的水文特征，已导致 DSi，相对于 N 和 P，的可利用率下
降。DSi 的相对匮乏可能导致浮游植物群落发生变化，从而增加了无益和有害藻类的滋生







在论文的第二章研究了在自然淡水范围内 pH 和盐度对 ASi 溶解动力学的影响。首先，我
用电位滴定的方法表征各种人工合成和天然来源的 ASi 的表面特性，并用恒定电容模型来





用来估算 ASi 材料孔隙内部硅烷醇基团的比例。由于 ASi 的溶解是将 ASi 循环回可生物利
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用的 DSi 的第一步，本章获得的 ASi 溶解速率常数与环境变量（包括 pH 值，不饱和度和
盐度）之间的定量关系为预测淡水环境中 ASi 溶解速率的一般框架。 
基于第二章中的发现，我在第三章中研究了 Fe（II）吸附对 ASi 溶解动力学的影响。通过
向 ASi 悬浮液中添加了不同浓度的 Fe（II），在无氧条件的条件下进行了一系列分批均一
反应器实验。实验结果表明，在无氧条件下 Fe（II）的存在会延迟 DSi 的释放，且延迟的
大小取决于初始 Fe（II）的浓度。痕量的 Fe（II）可能通过在 ASi 上形成二齿络合物从而
阻断反应位点来减慢 DSi 的释放，而不是通过形成新的硅酸亚铁相。结合了两种类型的表
面基团（通过两个桥连的氧键合至二氧化硅晶格的硅酸盐基团 Q2 基团和通过三个桥连的
氧键合至二氧化硅晶格的硅酸盐基团 Q3 基团）的 Langmuir 吸附模型被用来表征 Fe（II）
吸附对 ASi 的溶解动力学的影响。模型结果表明 Fe（II）优先吸附到 Q2 基团，并且吸附
到两种类型表面位点的 Fe（II）离子对ASi的溶解动力学具有相反的影响：通过稳定 Q2位
点来抑制溶解和通过催化 Q3 基团的分离来加速溶解。因此，Fe 的氧化还原循环可以引起
ASi 溶解的氧化还原依赖性，因此影响 ASi 的循环速率和 DSi 在淡水系统中释放的时间。 
在第四章中，我研究了在没有 ASi 的情况下 Fe（II）的氧化沉淀对 DSi 固定的影响。我展
示了在均一批处理实验中、不同的 pH 值和不同的初始溶解磷酸盐（DP）浓度的情况下，
溶解态 Fe（II）和 DSi 在共沉淀过程中移除的动力学数据。通过结合实验数据与动力学建
模，本章研究的结果显示在 Fe（II）氧化过程中 DSi 的移除通过两个途径进行：在实验开
始时，DSi 和 Fe（II）形成配合物，这些配合物的氧化导致氧化反应开始时 DSi 的快速移
除； Fe（II）完全氧化后，DSi 吸附到 Fe（III）的氧化物和氢氧化物表面，从而导致 DSi
的进一步移除。无论在实验的初始阶段还是后期阶段，DP 的存在都会与 DSi 产生有效竞
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争，从而限制 DSi 在 Fe（II）氧化过程中的移除。此外，异质柱实验的结果表明，在多孔
介质中，溶解的反应物的扩散性运输会进一步限制 Fe（II）的氧化动力学和 DSi 的去除动
力学。总的来说，我得出的结论是，Fe（II）的氧化可以固定 DSi，但在 DP 的存在使得
这个过程中 DSi 的移除大大降低。 
在第 5 章中，我介绍了从安大略省 Cootes Paradise 采集的天然沉积物的实验结果。通过将




生的全部的 DP。与 Fe（II）和 DP 相比，我们没有观测到氧化条件下 DSi 的固定。当上
层水变成无氧条件时，Fe（II）和 DP 从沉积物柱的释放显着增强。但是，切换到缺氧的
上层水后 DSi 的释放没有明显变化， 这稳定的 DSi 净产量可能来是自 ASi 的溶解。总体而
言，天然沉积物的实验结果证实，在接近中性的 pH 值下，高 DP 浓度的存在会抑制 DSi
的共沉淀和吸附，从而防止 DSi 在氧化沉积物中保留固定。我们得出的结论是，孔隙水
DP 和 DSi 的相对生产率可能代表着淡水系统内源 Si 通量对氧化还原依赖性的主要控制。
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Chapter 1                                                                               
Introduction 
1.1 Silicon and the silicon cycle 
Silicon (Si) is a globally important macronutrient for phytoplankton communities in freshwater 
and seawater. Its recycling within and through these systems is thus coupled to the recycling of 
other macronutrients including phosphorus, nitrogen and carbon, some of which have been 
enriched in natural waters as a result of human activities. In sediments, its recycling is coupled to 
the recycling of elements that it tends to form bonds with, including iron and aluminum, as well 
as competing oxyanion-forming elements such as phosphorus. Lentic systems connect the 
biogeochemical processes occurring in sediments to the biogeochemical processes occurring in the 
water column, and Si can be actively cycled between its sediment and water column pools. Thus, 
understanding the biogeochemical processes in sediments that can mobilize or immobilize Si is a 
key step for understanding the recycling of Si in lentic systems and the contribution of internal Si 
cycling in these systems to phytoplankton primary productivity, and is the focus of this thesis. 
As the second most abundant element in the earth’s crust, Si occurs almost invariably in 
combination with oxygen (as in the minerals quartz and cristobalite), and often with aluminium, 
potassium and hydrogen (as in feldspars, micas, and clay minerals) in solid phases. Although they 
are not very soluble, these minerals can dissolve during chemical weathering on geological 
timescales, releasing Si into aqueous solution. Aqueous Si occurs primarily in the form of 
monosilicic acid (H4SiO4), although it can also be found in multinuclear species under specific pH 
and concentration ranges (Davis et al., 2002; Lagerstrom, 1959; Stumm et al., 1967). Dissolved 
silicon (DSi) is often used as the general term to describe all the Si species in solution.  
1.1.1 The biological significance of Si 
DSi concentrations in natural waters vary from 1 µM in rainwater to 1000 µM in groundwater 
(Kristiansen and Hoell, 2002; Pradeep et al., 2016; Zhang et al., 2005). DSi is taken up by living 
organisms and used for different functions (Simpson and Volcani, 1981). For example, DSi taken 
up by plants can be deposited as amorphous silica inside the plant’s tissues. These deposits, known 
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as phytoliths, have been shown to increase the resistance of plants to abiotic (e.g., drought, water 
logging, UV light, salinity, heavy metals) and biotic (e.g., viral and bacterial pathogens, fungi, 
herbivores) stressors (Farooq and Dietz, 2015; Simpson and Volcani, 1981). Additionally, DSi is 
essential for various siliceous organisms living in water, including diatoms, radiolarians, 
silicoflagellates and siliceous sponges (Figure 1.1) (Simpson and Volcani, 1981). Most of DSi 
uptake by these siliceous organisms is used to build their cell walls or skeletons, resulting in the 
deposition of a cryptocrystalline polymer of silica ((SiO2)n) (Nelson et al., 1995; Simpson and 
Volcani, 1981; Volcani, 1981), which is referred to as biogenic or amorphous silica (ASi). These 
rigid siliceous deposits can support soft protoplasmic bodies and protect them from injury and to 
some extent from predators (Boltovskoy, 1998; Ehrlich et al., 2010; Greenwood et al., 2001; Lipps, 
1993; Maldonado et al., 2005; Rickert, 2000; Simpson and Volcani, 1981). 
1.1.2 The environmental significance of Si 
Diatoms, the most conspicuous and abundant algal groups in marine and freshwater environments, 
contribute around 20% of global primary productivity (Malviya et al., 2016). Because of their large 
cell size relative to other phytoplankton, diatoms are effective food sources for higher trophic 
levels, from zooplankton to aquatic insects to fish (Finkel et al., 2010). Diatoms produce long-
chain fatty acids that are favorable energy sources for these predators, which consequently makes 
diatoms the basis of some of the most productive food chains (Yi et al., 2017). Diatoms tend to 
dominate the species composition of phytoplankton due to their rapid growth rates. However, 
environmental conditions including, but not limited to nutrient concentrations, can shift the species 
composition to non-diatom algae dominance (Conley et al., 1993; Egge and Aksnes, 1992; 
Makulla and Sommer, 1993; Officer and Ryther, 1980).  
The major nutrients, nitrogen (N), phosphorus (P) and silicon (Si), are required for diatoms’ 
photosynthetic growth in atomic ratios of approximately 16:1:16 (Officer and Ryther, 1980; 
Redfield et al., 1963). It should be noted these values are the mean values for marine diatoms 
(Brzezinski, 1985), the atomic ratios in fact vary with diatom species, nutrient availability, and 
other environmental variables (Lomas et al., 2019; Turner, 2002). Because DSi is not an essential 
nutrient for non-siliceous algae, the dominant species of phytoplankton may shift from diatoms to 





Figure 1.1. Images of siliceous organisms. A. Scanning electron microscope (SEM) image of live 
diatom Cycletella meneghiniana (Scale bar: 10 µm). Image taken from Marshall (2009). B. 
Photomicrograph of live radiolarian Spongaster tetras tetras Ehrenberg (Scale bar: 0.1 mm, small 
window shows its siliceous frustule whose scale bar is not known). Images taken from Matsuoka 
(2017). C. Light micrograph of live silicoflagellate Distephanus speculum (scale bar: 10 µm, small 
window shows its siliceous frustule whose scale bar is not known). Images taken from McCartney 
et al. (2014). D. Photo of siliceous sponge Euplectella aspergillum. Photo source: National 




Figure 1.2. Harmful algal blooms on Lake Erie. A. Satellite image of harmful algal bloom on Lake 






increase the likelihood of harmful algal blooms (Egge and Aksnes, 1992; Makulla and Sommer, 
1993; Officer and Ryther, 1980; Turner, 2002). Harmful algal blooms may damage the health of 
ecosystems by producing toxins that can harm fish, wild life or human consumers, and shading 
submerged organisms from light, and depleting oxygen in water columns (Figure 1.2) (Anderson 
et al., 2002). 
1.1.3 The global Si cycle 
Decomposition of silicate minerals by chemical, physical, and biological processes initiates the 
global biogeochemical Si cycle by releasing DSi. The released DSi may be cycled within terrestrial 
ecosystems (mostly by plants) and transformed to particulate silica, which buffers the export of 
DSi to the ocean. Reactive Si, including DSi and reactive particulate Si (RPSi) is delivered by 
rivers to the oceans where Si is recycled until, ultimately, a small fraction is permanently buried 
(Figure 1.3). 
Over the past several decades, there has been a significant increase in the study of the Si cycle 
(Berner et al., 1983; Bootsma et al., 2003; Duerr et al., 2011; Frings et al., 2014; Ittekkot et al., 
2006; Johnson and Eisenreich, 1979; Laruelle et al., 2009; Ragueneau et al., 2000; Schelske, 1985; 
Tréguer et al., 1995). However, most of the research has been restricted to the role of Si in marine 
biogeochemical cycling. DSi in seawater is also more likely to be the limiting nutrient due to the 
restricted external sources and intensive consumption by siliceous organisms (Ittekkot et al., 2006; 
Tréguer et al., 1995; Tréguer and De La Rocha, 2013). Despite large uncertainties, the fluxes of Si 
inputs and internal cycling in the world ocean were summarized by Tréguer et al. (1995), and 
implemented by Tréguer and De La Roxha (2013). As Figure 1.3 shows, transport of both DSi and 
reactive particulate Si (RPSi) by rivers constitute about 67% of the external flux to the ocean. 
Estuaries, which are known for their high biogeochemical cycling rates, retain more than 20% of 
total riverine input and 1.3% of biogenic silica produced in the ocean. The open ocean is effective 
in recycling biogenic silica. More than 97% of biogenic silica produced is recycled in the water 
column and at the sediment-water interface, leaving 2.5% permanently buried in deep ocean sea 






Figure 1.3. Silicon cycle in the world’s oceans at steady state (Tréguer and De La Roxha, 2013). 
Grey arrows represent fluxes of dissolved silicon (DSi) (FR(net), net riverine inputs; FGW, 
groundwater flux; FW, seafloor weathering inputs; FH, hydrothermal inputs; FD(benthic), flux of DSi 
recycled at the sediment-water interface; FD(deep), flux of DSi recycled in deep water; F upw/ed, flux 
of DSi transferred from the deep reservoir to the surface mixed layer; FD(surface), flux of DSi 
recycled in the surface reservoir; FA, aeolian inputs), and black arrows represent fluxes of 
particulate biogenic silica (FRW, deposits of biogenic silica and reverse weathering in estuaries; 
FSP, the net sink of biogenic silica in sponges on continental shelves; FB(net deposit), net deposit of 
biogenic silica in coastal and abyssal sediments; FS(rain), flux of biogenic silica that reaches 
sediment-water interface; FE(export), flux of biogenic silicas exported toward the deep reservoir; 
FP(gross), biogenic silica gross production). All fluxes are in 1012 or teramoles of Si per year.   
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1.1.4 Anthropogenic alternations of the freshwater Si cycle  
Less research has been conducted on the Si cycle in freshwater systems. The world average DSi 
concentration in freshwater is more than twice that in the oceans (Maavara et al., 2014; Tréguer et 
al., 1995; Tréguer and De La Rocha, 2013), and DSi should thus be less limiting to biological 
activity in freshwater. However, freshwater systems, especially lentic systems, have been 
increasingly recognized as sinks for the DSi that is supplied to these systems (Nriagu, 1978; 
Ridenour, 2017; Schelske, 1985; Schelske et al., 1983). Many studies have shown decreases in 
DSi concentrations in surface freshwaters relative to historical concentrations, which has also been 
matched by decreased loads of reactive Si delivered to the oceans (Maavara et al., 2014; Nriagu, 
1978; Schelske and Stoermer, 1971).  
In general, human activities have increased N and P, but not Si, loads to water bodies. N and P 
enrichment of surface waters relative to Si via excess nutrient loading facilitates the sustained 
growth of diatoms to the point of depleting DSi from the water column (Anderson et al., 2002; 
Garnier et al., 2010; Officer and Ryther, 1980; Triplett et al., 2012). The burial of the diatom 
frustules as particulate reactive Si in sediments following these large diatom blooms may 
eventually lead to the decrease of DSi concentrations in freshwaters over time (Harrison et al., 
2012; Schelske and Stoermer, 1971). For example, depletion of DSi in the water column over time 
has been observed in the Greats Lakes. This, according to the increased diatoms frustules retained 
in sediments, is ascribed to the increased loads of nutrient P from human activities, including land 
use changes and the use of P-containing fertilizers and detergents, to these lakes since the 1970s 
(Nriagu, 1978; Schelske, 1985; Schelske et al., 1983).  
Another important anthropogenic perturbation are hydrological alterations by dam construction, 
which has significantly altered the total amount of reactive Si delivered to the oceans (Humborg 
et al., 2000; Triplett et al., 2012). Maavara et al. (2014) estimated that river damming retains 5.3% 
of global reactive Si loading to rivers in the sediments of reservoirs. Additionally, land use changes 
have been recognized as an important controlling factor on the amount of Si exported from 
terrestrial systems (Street-Perrott and Barker, 2008; Struyf et al., 2010). In summary, human 
activities affect not only the fluxes into and out of, but also the internal Si cycling in aquatic 








Figure 1.4. Silicon cycle in terrestrial systems (Figure source: Taylor Maavara). Black arrows 
represent fluxes of dissolved silicon (DSi) or reactive particulate Si (RPSi), the main 
biogeochemical processes that drive the fluxes are shown in the figure. The red arrow represents 
internal DSi loading from sediments. (Figure: courtesy of Taylor Maavara).  
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predict the impacts of human activities on Si cycling in these freshwater systems, the modifications 
to both the external loading to and the internal reactive Si cycling in these systems need to be 
studied (Maavara, 2017; Schelske, 1985; Street-Perrott and Barker, 2008; Struyf et al., 2010; 
Triplett et al., 2012). 
1.2 On the importance of internal Si loading 
Recycling in the water column, in the sediment and at the sediment-water interface constitute the 
internal sources of DSi (Ragueneau et al., 2006). Attempts to quantify internal Si loading have 
generally been motivated by two objectives. Firstly, quantifying the burial flux of Si to sediments 
which is coupled to the flux of carbon is vital to understanding the effects of the paleoclimate (e.g., 
atmospheric CO2) on paleoproductivity in aquatic systems (Barker et al., 1994a; Conley and 
Schelske, 2002; Mortlock et al., 1991; Ragueneau et al., 2000). Biogenic silica concentrations in 
lake sediments, in combination with other proxies, e.g., Ge/Si (Mortlock et al., 1991), diatom 
community composition (Moser et al., 2002) and carbon isotopes (Stager and Johnson, 2000), can 
be used to reconstruct paleolimnological and paleoclimate conditions, which provide insight into 
the change of trophic dynamics in lakes over time (Bootsma et al., 2003; Randsalu-Wendrup et al., 
2016; Stager and Johnson, 2000). 
Secondly, quantifying the fraction of Si reaching the sediment-water interface which is 
subsequently recycled back into water columns to participate again in biological cycling is vital to 
understanding the Si cycle in both local and global aquatic systems. Globally, internal Si loading 
from marine sediments is about 4 times that of the riverine inputs to the oceans (Figure 1.3) 
(Tréguer et al., 1995; Tréguer and De La Rocha, 2013). The contributions of internal loading to 
the Si cycle in freshwater systems however are highly variable (Afonso and Stumm, 1992; Aston, 
1983; Maavara, 2017; Mortimer, 1941). For example, the internal Si loading in Lake Superior, 
characterized by a low upwelling rate, is of the same magnitude as atmospheric inputs and 
represents approximately 20% of the input by external sources (Johnson and Eisenreich, 1979; 
Schelske, 1985). In contrast, the internal loading is only 1% of DSi input into the Lake Pepin, a 
highly perturbed eutrophic shallow lake (Triplett, 2008). The existing body of research 
demonstrates that it is not only the physical, chemical, and biological conditions that impact the 
internal Si loading, but that meteorological and hydrological conditions also play important roles 
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(Afonso and Stumm, 1992; Aston, 1983; Bootsma et al., 2003; Johnson and Eisenreich, 1979; 
Laruelle et al., 2009; Maavara, 2017; Mortimer, 1941; Ridenour, 2017; Schelske, 1985). 
1.3 Reactive forms of Si in sediments  
The internal loading of P and Fe and mechanisms controlling their release from aquatic sediments 
have been thoroughly studied (Couture et al., 2010; Katsev et al., 2006; Markelov, 2019; Mortimer, 
1941; Nriagu and Dell, 1974). Meanwhile, the internal Si loading has drawn less attention, and the 
mechanisms controlling Si release from sediments are not well understood. Most Si in sediments 
is bound in the form of quartz and other recalcitrant silicate minerals, and is unavailable on a 
biological timescale. The forms of Si relevant to its biogeochemical cycle are therefore the reactive 
forms that are likely to be bioavailable on a biological, rather than geological timescale. These 
reactive forms of Si are dissolved Si (DSi) and reactive particulate Si (RPSi). Sediment RPSi 
consists mainly of amorphous silica (ASi) deposited abiotically from supersaturated solution in 
natural waters, ASi in living biomass and in biogenic detritus (Daval et al., 2013; Iler, 1979b; 
Ragueneau et al., 2000), as well as different pedogenic Si forms, including amorphous 
aluminosilicates, and Si bound to metal oxyhydroxides (Aston, 1983; Ragueneau et al., 2000). The 
ASi deposited as biogenic detritus and Si bound to metal oxides are the two major pools of RPSi 
in sediments, and thus they are the two major pools contributing to the internal DSi loading. 
1.3.1 Amorphous silica 
As the major pool of reactive Si in sediments, the dissolution rate of amorphous silica (ASi) is a 
key control on the magnitude of internal DSi loading. The concentration of ASi in sediments is 
controlled by many factors, such as the primary production rate, algal community composition and 
hydraulic residence time, and as a result, ASi concentrations in sediments vary from 0.04% in 
sandy sediments (Koning et al., 2002) to 92% in aged diatomaceous earth deposits (in weight%). 
Laruelle et al. (2009) used a value of 5% as the world average concentration of ASi in freshwater 
sediments. All the moles of ASi present in a lake sediment is not equally soluble, however. ASi 
that is still within the organisms in which it was formed is resistant to dissolution due to the 
protective effect of the organic matrix. After death of these organisms, bacterial assemblages 
colonize and breakdown the organic matrix via the production of specific enzymes, including 
ectoprotease, exposing the ASi surface to the surrounding solution. Following the degradation of 
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the organic matrix, the ASi dissolution rate is highly variable and depends on the intrinsic 
physiochemical properties of ASi, and those of the solvent, in particular the temperature and pH, 
and the concentrations of chemical constituents in the solution that may interact with the ASi 
surface.  
ASi has the same silicon-oxygen tetrahedron unit as quartz (Figure 1.5). However, the chemical 
units in ASi do not exhibit long-range ordered: lengths and angles of Si-O-Si bonds (siloxane) 
show large variations (Dove et al., 2008; Iler, 1979b). Once exposed to water, two different types 
of groups are present on the ASi surface: surface siloxane groups (>Si-O-Si<) and surface hydroxyl 
groups (i.e., silanol groups, >SiOH) as a result of hydroxylation (Stumm, 1992; Zhuravlev, 2000). 
The nucleophilic attack of water molecules weakens and break siloxane bonds, which initiates the 
dissolution process of ASi. Surface silanol groups can protonate and deprotonate depending on the 
pH of the solution. 
 > Si − O − Si < +𝐻2𝑂 ↔ 2 > 𝑆𝑖𝑂𝐻
0 (1.1) 
 > SiO𝐻0 + 𝐻+ ↔> Si𝑂𝐻2
+ (1.2) 
 > SiO𝐻0 ↔> Si𝑂− + 𝐻+ (1.3) 
where > represents a surface species. Because of the very low point of zero surface charge of ASi 
(pHzpc ≈ 2-3.5) (Dixit and Van Cappellen, 2002; Stumm, 1992), the deprotonated surface silanol 
groups (Reaction (1.3)) dominate in natural waters (pH>3.5). The presence of these negatively 
charged surface species >SiO- can polarize and weaken the siloxane bounds, which in turn 
enhances the dissolution of ASi (Stumm, 1992). 
The mechanisms of silica dissolution include either the direct attack on a charged surface site by 
H2O or catalysis by OH- on a neutral site. Thus, because of the differences in the reactivity of the 
different surface group species, pH exerts a large control on the dissolution rate by controlling the 
distribution of surface group species (>SiOH, >SiO-, SiOH2+), that each may dominate the 
dissolution process over a given pH range (Dove and Elston, 1992; Xiao and Lasaga, 1996). Except 
for the protonation/deprotonation processes, other processes that modify the surface characteristics, 
such as surface complexation reactions will also affect the dissolution rate of ASi (Dove and Nix, 
1997). One well known example is that the presence of Na+ which enhances the dissolution of ASi 




Figure 1.5. The morphology and structure of amorphous silica (ASi). a. SEM image of freshwater 
diatom Cyclotella meneghiniana (this study); b. SEM image of Aerosil OX 50 (Source: 
http://www.icare.univ-lille1.fr/progra2/database/index.html); c. SEM image of freshwater 
diatomaceous earth (this study); d. Illustration of ASi showing different surface species. Grey balls 
from left to right correspond to singly, doubly, and triply coordinated surface sites. Red and white 
balls represent oxygen and hydrogen atoms that are bound to surface silicon atoms. The sticks 
represent Si (grey) and O (red) in the bulk solid. Molecular model produced using Avogadro V1.2 
(Hanwell et al., 2012).  
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1.3.2 Binding of Si to metal oxyhydroxide minerals  
Metal oxyhydroxides, especially those of aluminum (Al) and iron (Fe), are abundant components 
of freshwater sediments. They are generally covered with surface hydroxyl groups when in 
aqueous solution due to the hydroxylation of the surface metal atoms (Schoen and Roberson, 1970; 
Stumm, 1992). Previous studies have shown that DSi exhibits a high affinity for hydroxylated Al 
and Fe oxides and hydroxides in neutral or slightly alkaline pH (Davis et al., 2002; Iler, 1979b). 
Adsorption and desorption of DSi to those metal oxyhydroxides in sediments have been recognized 
as important mechanisms controlling the internal DSi loading (Aduwusu and Wilcox, 1991; Bien 
et al., 1958; Hingston and Raupach, 1967; Mortimer, 1941; Nteziryayo and Danielsson, 2018a; 
Ridenour, 2017; Testa et al., 2013). 
Iron (Fe) oxyhydroxides, such as magnetite, hematite, goethite, ferrihydrite and lepidocrocite are 
ubiquitous in sediments. They are characterized by their high surface areas and high densities of 
surface hydroxyl groups (Hiemstra, 2013; Stumm, 1992; Wang et al., 2013a). These hydroxyl 
groups attached to Fe atoms can protonate and deprotonate depending on the pH of solution 
(similar to reactions 1.2 and 1.3). The charged surface groups confer the ability to sorb different 
anions, cations, and even molecular species through electrostatic interactions and surface 
complexation reactions (Stumm, 1992). The magnitude of the electrostatic interactions is 
controlled by the charge of sorbate and sorbent, both of which are pH dependent. Because of its 
relatively high dissociation constant (9.8), DSi exists almost entirely as monomeric silicic acid 
(H4SiO4) at neutral pH. At a pH value below the point of zero charge (i.e., pHPZC, the pH value at 
which net surface charge is zero) of a given Fe oxyhydroxides (Fe oxyhydroxides typically have 
pHPZC values ranging between 4.2 and 10.0, but usually below 9.0). the electrostatic interaction 
between DSi and Fe oxyhydroxides is limited by the neutral charge of H4SiO4. At pH values above 
the dissociation constant of silicic acid (pKa = 9.8), deprotonated negatively charged silicic acid is 
attracted by the positively charged surface sites. However, with an increase in pH, the negatively 
charged surface sites on the Fe oxyhydroxides become dominant which may lead to the desorption 









Figure 1.6. Speciation of silicic acid and phosphoric acid as a function of pH (left) and surface 




Although DSi is faced with these unfavorable electrostatic conditions, it forms monomeric and 
polymeric surface complexes on the surface of Fe oxyhydroxides via covalent bonds (Aduwusu 
and Wilcox, 1991; Davis et al., 2002; Sabur, 2019). The extent of this specific adsorption 
interaction depends on the concentration of DSi, and the physiochemical properties of both the Fe 
oxyhydroxides mineral phase and the aqueous solution. For example, infrared spectroscopic 
studies have shown that H4SiO4 at low concentration can replace surface hydroxyl ligands of 
ferrihydrite and form monomeric species with Fe-O-Si linkages (Hiemstra et al., 2007), while at 
high concentration, H4SiO4 can form oligomeric surface silicates on ferrihydrite (Swedlund et al., 
2010). Theoretically, H4SiO4 can be adsorbed by forming bidentate surface complexes (Figure 
1.6). However, a Fourier transform infrared spectroscopic study by (Kanematsu et al., 2018) 
showed that monodentate silicate species are predominant on goethite and lepidocrocite surfaces. 
Similar to iron, the oxyhydroxides of Al, such as gibbsite and boehmite, are ubiquitous in 
freshwater sediments (Barron and Torrent, 2013). One important difference between iron and 
aluminum is that aluminum does not have different oxidation states. Dissolved aluminum released 
from the dissolution of terrigenous aluminosilicate minerals precipitates as different kinds of Al 
oxyhydroxides (Schoen and Roberson, 1970). With high surface areas and high surface hydroxyl 
group densities, Al oxyhydroxides are capable of adsorbing DSi through ligand exchange 
(Aduwusu and Wilcox, 1991; Bien et al., 1958; Hingston and Raupach, 1967). In addition, because 
of the abundance DSi in many natural waters, the formation of aluminum oxides may be inhibited 
and aluminosilicate mineral formation prevails instead (Schoen and Roberson, 1970). 
1.3.3 Aluminosilicate minerals 
The formation of authigenic amorphous silicate minerals is generally accepted to be responsible 
for the far-from-saturation DSi concentrations in natural waters that are far below the equilibrium 
saturation of ASi (Iler, 1979b). The solubility of ASi in pure water can reach more than 1800 M, 
but in the presence of polyvalent metal cations, especially aluminum, amorphous silicates are 
formed, which have a much lower solubility than ASi (Iler, 1979b) 
Although Al is the third most abundant element in the Earth’s crust, it exists in natural waters in 
very low concentrations, because Al released from chemical weathering will precipitate as 
aluminum hydroxides (Schoen and Roberson, 1970). In the presence of abundant DSi, which is 
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typical in natural freshwaters, H4SiO4 will compete with further hydroxylation or 
autocondensation of aluminum hydroxides, which leads to the formation of 
hydroxyaluminosilicates instead of gibbsite (Beardmore et al., 2016). This process is suggested to 
play an important role in keeping the inimical element Al from being incorporated by biological 
organisms (Exley, 1998). More importantly, this process may be a sink for Si that limits the 
availability of nutrient DSi to diatoms (Exley, 1998). 
1.4 Environmental factors controlling internal DSi loading 
Many environmental factors can modify the reactivity of the RPSi species present in sediments, 
which are ultimately the sources of the DSi released during internal loading. These factors include 
oxygen concentration, interactions with other naturally occurring ions, temperature, pH, and a 
variety of other factors. How these factors may impact internal DSi loading and influence the 
reactivity of sediment RPSi species are outlined below. 
1.4.1 Oxygenation 
The concentration of oxygen in surface sediments is one of the dominant variables controlling the 
chemical interactions between water and sediment. In the case of DSi, the presence of oxygen is 
important because the redox-controlled speciation of Fe at the sediment-water interface exerts a 
large control on the mobility of nutrients and contaminants, including DSi (Couture et al., 2010; 
Katsev et al., 2006; Li et al., 2012; Roberts et al., 2004; Sahai et al., 2007; Smolders et al., 2017).  
Under oxic conditions, because of upward transport and mixing, anoxic porewater constituents, 
including Fe(II), will be oxidized near the sediment-water interface. In the case of Fe(II) oxidation, 
insoluble Fe(III) oxyhydroxides are then produced. During Fe(II) oxidation, DSi can bind to the 
Fe(III) oxyhydroxides through ligand exchange, both during the precipitation of the Fe(III) 
precipitates and after their formation. At high DSi concentrations, mixed minerals of ferric silicate, 
ferrous silicate, iron oxide and hydroxides can form (Costine and Thurgate, 2007). These mineral 
phases are thus another pathway for the co-precipitation of DSi and Fe (Kolthoff, 1932). While 
DSi is immobilized during oxic periods via these aforementioned pathways, under anoxic 
conditions, and in the presence of sufficient amounts of electron donors, the reduction and 
subsequent dissolution (which is also called reductive dissolution) of Fe(III) oxyhydroxides 
 
16 
releases Fe(II) and any DSi that was adsorbed to or co-precipitated with the Fe(III) oxyhydroxides 
(Smolders et al., 2017).Ferric iron oxyhydroxides will also age from amorphous to crystalline iron 
minerals with time (Cornell et al., 1987), which will decrease their surface reactivity and surface 
areas (Cismasu et al., 2014; Hiemstra et al., 2019). 
Bottom water oxygenation also affects the activities and community composition of the microbial 
populations that are responsible for the decomposition of the organic matrix surrounding biogenic 
ASi, with higher oxygen concentrations being expected to be more energetically favourable and 
to thus confer higher rates of organic matrix decomposition compared to anoxic conditions 
(Ekeroth et al., 2016; Mortimer, 1941; Nteziryayo and Danielsson, 2018a). With these relatively 
higher rates of organic matrix decomposition, ASi dissolution rates would also be higher, because 
of the increasing surface area of ASi that is being exposed to solution. The published studies that 
have investigated the influences of oxygen concentrations on internal DSi loading are summarized 




Table 1.1. Summary of studies on the redox-dependent release of dissolved silicon (DSi) from 
sediments. The studies are grouped according to whether the authors reported an enhancement, 
inhibition or no effect of anoxic conditions on the release of DSi. 
Study Study site 
Anoxic conditions 
on DSi release 
Role of Fe Role of P Role of ASi 
1 Esthwaite Water 
Enhance 
✓ ✓ ✘ 
2 Windermere  ✓ ✓ ✘ 
3 Lake Kizaki ✓ ✘ ✘ 
4 Western Baltic Sea ✘ ✘ ✓ 
5 
Lake Malaren and 
Baltic Sea  
✓ ✓ ✘ 
6 Northern Baltic Sea ✘ ✓ ✘ 








✘ ✘ ✓ 
10 Chesapeake Bay ✓ ✓ ✓ 
11 Baltic Sea ✓ ✘ ✓ 
12 Baltic sea ✓ ✓ ✘ 
13 
Coastal Gulf of 
Finland 
✘ ✘ ✓ 
14 Cootes Paradise ✓ ✓ ✘ 
15 Gulf of Finland ✘ ✘ ✘ 
16 Baltic sea 
Inhibit 
✓ ✓ ✓ 
17 Baltic sea ✓ ✓ ✓ 
18 Hamilton Harbor  No effect ✓ ✓ ✓ 
1 Measurement of water samples from Esthwaite Water, 2 Incubation of Windermere mud (Mortimer, 1941), 3 
Measurement of vertical distribution of chemicals in Lake Kizaki (Kato, 1969).  4 In situ fluxes measurement at Kiel 
Bight (Bodungen, 1986), 5 Incubation of sediment cores from lake Malaren and Baltic Sea (Gunnars, 1990), 6 
Measurement of chemical composition of water samples from northern Baltic Sea (Kuparinen and Tuominen, 2001), 
7 Incubation of undisturbed sediments from South Ionian Sea (Belias et al., 2007), 8 Dataset analysis of porewater 
and sediment samples from South Atlantic Ocean (Seiter et al., 2010), 9 Porewater profiles from the South Atlantic 
(Holstein and Hensen, 2010), 10 Incubation of sediment cores from Chesapeake Bay (Testa et al., 2013), 11 Statistical 
analysis of the relationship between DSi concentration and oxygen conditions in the Baltic Sea (Danielsson, 2014), 
12 In situ fluxes measurement in Kanholmsfjärden, Baltic proper (Ekeroth et al., 2016), 13 Incubation of mixture of 
natural sediments from and diatoms in batch reactors (Lehtimaki et al., 2016), 14 Batch experiment with surface 
sediments from Cootes Paradise (Parsons et al., 2017), 15 In vitro incubations of intact sediment cores, in situ 
measurement with a benthic lander, and measurement of porewater from Gulf of Finland (Tallberg et al., 2017), 16 
Sediment cores collected from Baltic sea (Nteziryayo and Danielsson, 2018), 17 Sequential extraction of sediments 
from Baltic sea (Siipola et al., 2016), 18 Incubation of sediment cores collected from Hamilton Harbor (Ridenour, 
2017). 
Note: Fe-bound Si and amorphous silica (ASi) are the two main reactive particulate silica endmembers in sediments, 
that are usually proposed to account for the release of DSi. Phosphorus (P) is another nutrient often studied at the same 
time, however, its role on the release of DSi from sediments is barely discussed. “✓” indicates that the role was studied. 
“✘” indicates the role was not studied. Studies listed here may not be exhaustive.  
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1.4.2 Electrolyte composition  
The presence of cations has been shown to affect the dissolution rate of ASi into different 
directions and with different magnitudes. Alkali cations, including Na+ and K+ that are abundant 
in natural waters, have been shown to increase the dissolution rate of ASi significantly by lowering 
the activation energy of dissolution at near neutral pH (Dove and Crerar, 1990; Icenhower and 
Dove, 2000). The role of alkaline earth cations, including Ca2+ and Mg2+, on the dissolution kinetic 
of ASi have not been directly studied. But alkaline earth cations have been shown to enhance the 
dissolution of quartz by increasing the reactivity of siloxane groups at near neutral pH (Dove and 
Crerar, 1990; Dove and Nix, 1997). In contrast, multi-valent cations such as including Al and Fe, 
have been shown to retard the dissolution of ASi by producing a coating of insoluble silicates 
(Koning et al., 2007; Lewin, 1961; Van Cappellen et al., 2002). Thus, the presence of naturally 
occurring cations can either enhance or retard the dissolution of ASi, which consequently affect 
the internal DSi loading. 
Naturally occurring anions, including Cl-, HCO3- and HPO42-, may affect DSi sorption to metal 
oxyhydroxides, e.g., Fe(III) oxyhydroxides. The effects of the redox transformations of Fe on the 
mobilization of DSi are briefly summarized in section 1.4.1 above. Under oxic conditions, the 
anions can compete directly with DSi for sorption sites of Fe(III) oxyhydroxides (Gao et al., 2013; 
Geelhoed et al., 1997; Gehlen and Van Raaphorst, 2002; Hansen et al., 1994; Sabur, 2019; Sibanda 
and Young, 1986; Zhang and Huang, 2007). However, anions can also affect the oxidation kinetics 
of Fe(II) by forming aqueous complexes with Fe(II) during a transition from anoxic to oxic 
conditions (Buamah et al., 2009; Kaegi et al., 2010; King, 1998; Kinsela et al., 2016; Mao et al., 
2011; Mitra and Matthews, 1985a; Tamura et al., 1976; Wolthoorn et al., 2004). In turn, this may 
affect the uptake of DSi by the Fe(III) precipitates that are forming.  
Among all the naturally occurring anions in natural waters, dissolved phosphate (DP) is an 
essential nutrient that often (co-)limits primary production in freshwater environments (Conley, 
2002; Ekeroth et al., 2016; Hartikainen et al., 1996; Joshi et al., 2015; Mortimer, 1941; Parsons et 
al., 2017; Sabur, 2019; Schindler, 1977; Tuominen et al., 1998). Table 1.1 summarizes the studies 
in which the effects of DP on DSi release from sediments have been considered. At a pH value 
below the pHPZC of an adsorbent, e.g., Fe oxyhydroxides, deprotonated phosphoric acid will be 
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attracted by the positively charged surface through electrostatic interaction, which subsequently 
facilitates chemical adsorption of DP via ligand exchange (Figure 1.6) (Li et al., 2016; Sabur, 
2019). At that same pH value, the electrostatic interaction between DSi and Fe(III) oxyhydroxides 
is limited by the neutral charge of H4SiO4 (See details in 1.3.2). Not surprisingly, studies have 
shown that DP effectively outcompetes with DSi for the sorption sites of Fe oxyhydroxides at near 
neutral pH (Gächter and Mülle, 2003; Gachter and Muller, 2003; Jensen et al., 1992; Mortimer, 
1941; Parsons et al., 2017; Ridenour, 2017; Sabur, 2019; Zhang and Huang, 2007). The presence 
of DP has also been shown to increase the homogeneous oxidation rate of Fe(II) at different pH 
values (Mao et al., 2011; Tamura et al., 1976). However, how this affects the mobility of DSi has 
not yet been studied. 
1.4.3 Temperature 
Temperature can alter nutrient fluxes across the water-sediment interface by altering the rates of 
the physico-biogeochemical processes in sediments (Duan and Kaushal, 2013; Ridenour, 2017; 
Srithongouthai et al., 2003; Zhou et al., 2016).  
Firstly, vertical temperature gradients (i.e., thermal stratification) drive the vertical and horizontal 
movement of water, which in turn exerts an important control on the chemical exchanges between 
the water column and the underlying sediments in large water systems (Mortimer, 1941, 1942). 
Secondly, the breakdown of the organic matrix surrounding biogenic silica that enables the 
dissolution of ASi is a biologically mediated process whose rate has been long recognized to be 
temperature dependent (LaRowe and Van Cappellen, 2011; Vicente et al., 2016; White et al., 1991). 
Additionally, the growth rate of siliceous organisms that can inhabit surface sediment increases 
with temperature (Elvin, 1971). The release of DSi to the water column is retarded by the 
accumulation of these siliceous organisms that actively take up DSi.  
Thirdly, temperature affects the rate of chemical processes in sediments. For example, the 
dissolution rate of ASi increases with increasing temparture (Kamatani, 1982; Loucaides et al., 
2012b; Van Cappellen et al., 2002). In natural water systems, unraveling the individual effect of 
temperature on these different processes affecting DSi fluxes may be challenging, but a regression 
 
20 
analysis of incubation results had revealed that water temperature can account for 24% of the 
seasonal variability of DSi fluxes (Srithongouthai et al., 2003). 
1.4.4 pH 
When buffered by dissolved carbonate and bicarbonate dissolved in water, the pH of many natural 
waters do not vary greatly. However, in sediment porewaters, the pH can vary significantly over 
short distance (Hurd, 1973; Jourabchi et al., 2005). Jourabchi et al. (2005) showed that pH can 
vary up to one unit within the upper 5 cm. The effect of pH on the release of DSi can result from 
Si speciation changes in sediments. The common reactive Si endmembers in the sediment are 
amorphous silica (ASi), Si bound to metal oxides (Fe, Al, Mn oxyhydroxides), and amorphous 
aluminosilicates. The reactivities of all these reactive Si phases are sensitive to pH. Firstly, OH- 
has been proposed to catalyze the dissolution of ASi. At pH higher than the PZC pH (1.4 to 4) of 
ASi, the dissolution rate of ASi increases with increasing pH (Fraysse et al., 2006). Secondly, the 
amount of Si bound to metal oxides is also pH dependent. For example, Sabur (2019) showed that 
the maximum adsorption of DSi on goethite was observed at around the PZC of goethite (pH = 
10.0). The proposed mechanism is that the adsorption is limited by the neutral charge of silicic 
acid at pH below its deprotonation constant (pKa = 9.8). At pH above 10.0, the negatively charged 
surface of goethite repulse the deprotonated silicic acid. This mechanism is applicable to the 
adsorption of DSi to other metal oxides. Finally, the solubilities of amorphous silicates depend on 
the pH of solution. For example, the solubility of aluminosilicates is proposed to be high at high 
and low pH values because of the inhibition of polymerization (Moller et al., 2006).  
1.4.5 Other environmental factors 
Other factors including the physical processes of resuspension and bioturbation, and chemical 
processes such as mineralization and microbial processes, also affect the internal DSi loading. For 
example, about 96% of gross sedimentation may be resuspended in Hamilton Harbour, which as a 
result increases the concentration of suspended matter in the overlying water and increases the 
recycling of reactive Si between sediments and water columns (Ridenour, 2017). Bioturbation by 
benthic invertebrates typically enhances the transport of dissolved O2 as well as other dissolved 
chemicals, including DSi, and thus may enhance internal DSi loading (Hoelker et al., 2015; 
Matisoff and Wang, 1998; Parsons et al., 2017).  
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1.5 Thesis structure  
1.5.1 Aims 
Given the environmental significance of nutrient silicon, the aim of this thesis is to contribute to 
the understanding of the mechanisms responsible for internal DSi loading in lentic freshwater 
systems. The scope of the research is to investigate the contribution of abiotic chemical interactions 
between ASi, DSi, dissolved Fe(II), DP, and Fe(III) oxyhydroxides to DSi mobilization and 
immobilization in sediments. I accomplish these objectives using controlled lab experiments and 
pure chemicals that are meant to simulate the specific interactions between reactive particulate Si 
endmembers present in sediments, plus DSi, dissolved Fe(II), Fe(III) oxyhydroxides and DP. The 
kinetic parameters obtained in these experiments and the information about the mechanisms 
underlying the processes that lead to DSi production in sediments can then be applied to predict 
reactive Si, DP and Fe cycling in heterogeneous systems including more complex experiments 
involving more co-occurring reactions and processes, and real sediments in situ. The specific aims 
of this thesis are as follows: 
• Using a coupled experimental and modeling approach, relate ASi surface processes and ASi 
surface interactions with dissolved chemicals in solution, including protons (pH), salts 
(salinity), and complexation agent Fe(II) to the ASi dissolution rate constant to consolidate the 
general framework for understanding Si recycling of ASi in freshwater systems; 
• Develop a chemical reaction model to establish the mechanisms responsible for DSi co-
precipitation with Fe(III) oxides during Fe(II) oxidation and the competitive role of DP in both 
homogeneous and heterogeneous aqueous systems; 
• Investigate the contributions of surface adsorption by Fe(III) oxyhydroxides and co-
precipitation during Fe(II) oxidation co-precipitation to the magnitude and timing of DSi 
release observed in a flow-through column system using natural sediments collected from 
Cootes Paradise marsh. 
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1.5.2 Research chapters 
The primary research portion of this thesis is organized into four chapters (Chapters 2-5). 
proceeded by a general introduction (Chapter 1) to introduce the environmental significance of 
nutrient silicon (Si) and the Si cycle. Chapter 1 focuses on internal DSi loading, summarizing the 
dominant reactive particulate Si (RPSi) endmembers in sediments, and evaluating the factors that 
control the mechanisms responsible for DSi mobilization and immobilization in sediments, and 
thus the net internal DSi loading fluxes from the sediments to the water column.  
In Chapter 2, Amorphous silica: surface processes and dissolution kinetics, I study the dissolution 
kinetics of various forms of amorphous silica (ASi) in artificial porewater solutions with different 
pHs and salinities that fall within the typical ranges of pH and salinity values observed in 
freshwater. I then apply a surface reaction model to predict the dissolution rate constants, which I 
calculate by fitting the experimental data using the first-order kinetic rate law, as a function of pH 
and salinity, reinforcing and consolidating the framework for predicting the ASi dissolution rate 
constant as a function of chemical interactions occurring at the ASi surface-aqueous solution 
interface. 
In Chapter 3, Influence of Fe(II) adsorption on the dissolution kinetics of amorphous silica, I study 
the effects of Fe(II) adsorption on the dissolution rate constant of ASi. Such reactions commonly 
occur in natural sediments due to oscillating redox conditions and are simulated here using a series 
of ASi suspension batch experiments to which I add variable amounts of Fe(II) under anoxic 
conditions. I then demonstrate the application of a Langmuir adsorption model which accounts for 
two types of ASi surface groups for predicting the ASi dissolution rate constant as a function of 
Fe(II) concentrations. Chapter 3 highlights that the surface reaction model that is used to assess 
the effects of surface processes on the dissolution rate of ASi in Chapter 2 cannot be applied to the 
interactions of Fe(II) and ASi. Instead, the Langmuir adsorption model that incorporates two types 
of surface groups (silicate groups bonded to the silica lattice via two bridging oxygens, Q2 groups, 
and silicate groups bonded to the silica lattice via three bridging oxygens, Q3 groups) is used to 
predict the ASi dissolution rate constant as a function of the Fe(II) concentration.  
In Chapter 4, Co-precipitation of iron and silicon: Reaction kinetics, elemental ratios and the 
influence of phosphorus, I study the effects of the oxidative precipitation of Fe(II) on the 
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immobilization of DSi. I measure the concurrent consumption of aqueous Fe(II) and DSi during 
their co-precipitation in batch experiments, at different pH values and in the presence of variable 
initial DP concentrations. A kinetic model that incorporates homogeneous oxidation, 
heterogeneous oxidation, surface precipitation, and adsorption/desorption reactions allows me to 
assess the relative contribution of each reaction to the removal of DSi in a homogeneous system. 
I then study the effect of diffusive transport on DSi immobilization during Fe(II) oxidation under 
conditions that are more representative of sediments than the batch systems, where Fe(II) oxidation 
is controlled by the diffusive transport of oxygen through the column reactors. I therefore add a 
diffusion term to the chemical reaction model to fit the column reactors’ experimental data. The 
oxidation of Fe(II) can immobilize DSi, but that the latter is strongly diminished in the presence 
of DP and limited by diffusive transport.   
In Chapter 5, Controls on dissolved silicon release from natural sediments: Roles of oxygen and 
iron, I collect surficial sediments from the open water area of a freshwater marsh to conduct a 
series of flow-through column experiments to elucidate the roles of different reaction pathways in 
the immobilization and release of DSi. I supply anoxic solutions containing variable concentrations 
of Fe(II), DSi and DP to 10 cm of the sediment columns and collect samples from 1 cm layer of 
overlying water that is initially kept aerated. The results show that the release of DSi from sediment 
does not necessarily depend on oxygen conditions, although dissolved Fe(II) is supplied to the 
columns. The dominant mechanisms proposed is that, at near-neutral pH, the presence of high DP 
levels (including DP supplied to and produced within the sediment columns) inhibit the co-
precipitation and adsorption of DSi, hence preventing DSi retention in sediments under oxic 
overlying water. I conclude that the relative production rates of porewater DP and DSi likely 
represents the major control on the redox dependence of internal Si loading in freshwater systems.   
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Chapter 2                                                                                
Amorphous silica: surface processes and dissolution kinetics 
2.1 Summary 
The availability of dissolved silicon (DSi) exerts an important control on the structure and activity 
of plankton communities in aquatic environments: DSi limitation can shift species dominance from 
diatoms to non-siliceous algae and increase the likelihood of harmful algal blooms. The 
availability of DSi in the water column in turn depends on the dissolution kinetics of amorphous 
silica (ASi), which are controlled by the surface properties of ASi and reactions occurring at the 
silica-solution interface. In this study, the surface properties of ASi of various origins were 
characterized using potentiometric titrations and modelled with a constant capacitance surface 
complexation model. The dissolution kinetics were measured in batch experiments under 
controlled conditions. The kinetic results agree with the non-linear relationship between the 
dissolution rate of ASi and the degree of undersaturation of the aqueous solution observed in earlier 
studies. This implies that at least two dissolution rate constants are needed to describe the reaction 
kinetics at high (typically, >0.4) and low (typically, <0.4) degrees of undersaturation. The results 
also confirm the accelerating effects of pH and Na+ ions on the dissolution rates of ASi. The 
quantitative relationships between the dissolution kinetics of ASi and the key environmental 
variables pH, degree of undersaturation, and salinity obtained in this study, consolidate the general 
framework for understanding and quantifying reactive Si recycling in freshwater systems. 
2.2 Introduction 
As one of the main primary producers and a basis for some of the most productive food chains in 
aquatic systems, diatoms play a fundamental role in exporting carbon to higher trophic levels and 
in maintaining the health of ecosystems (Reynolds, 2006). Dissolved silicon (DSi) is an essential 
nutrient for diatoms who use it to produce siliceous frustules. As a result, the Si content of diatoms 
ranges between 5% and 37% of dry weight (Nelson et al., 1995; Simpson and Volcani, 1981; 
Volcani, 1981). Human activities, including nutrient enrichment, land use changes and river flow 
management, have often led to a depletion of DSi relative to other macronutrients, especially 
nitrogen (N) and phosphorus (P), in water bodies (Conley et al., 2008; Danielsson, 2014; Maavara 
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et al., 2014; Nteziryayo and Danielsson, 2018b; Rocha et al., 2002; Schelske, 1985; Schelske and 
Stoermer, 1971; Schelske et al., 1983). The depletion of DSi may shift the species composition of 
phytoplankton from diatoms to non-siliceous algae dominant (Conley et al., 1993; Egge and 
Aksnes, 1992; Makulla and Sommer, 1993; Officer and Ryther, 1980), which may further increase 
the risk of harmful algal blooms 
Diatoms, plants and other siliceous organisms deposit DSi in their tissues as a hydrated, 
cryptocrystalline polymer of silica usually called amorphous silica, or ASi (Simpson and Volcani, 
1981). The dissolution of ASi supplies DSi to the water column, and modulates the amount of ASi 
preserved in aquatic sediments (Bootsma et al., 2003). For example, 97% of the ASi produced by 
marine diatoms is recycled in the water column and the underlying sediments. Recycling of ASi 
by dissolution by far exceeds the external input of DSi to the oceans (Tréguer et al., 1995). The 
recycling of ASi, however, exhibits large temporal and spatial variations in both marine and 
freshwater systems (Aston, 1983), posing a challenge to the quantitative understanding of Si 
cycling. 
Starting with simple batch experiments, laboratory studies have been widely used to investigate 
the dissolution rate of ASi under well-controlled conditions. These experimental studies show that 
the dissolution rate of ASi depends on the physicochemical properties of both the ASi, including 
the specific surface area (Lasaga, 1995; Oconnor and Greenberg, 1958), impurity content (Van 
Bennekom et al., 1991; Van Cappellen et al., 2002), and age of the silica (Loucaides et al., 2012b; 
Van Cappellen et al., 2002; Van Cappellen and Qiu, 1997a, b), and those of the aqueous medium, 
including temperature (Hurd, 1972, 1973; Kamatani, 1982; Kamatani and Riley, 1979), pH 
(Fraysse et al., 2006; Hurd, 1972), electrolyte composition (Icenhower and Dove, 2000; Lewin, 
1961), and microbial activity (Alfredsson et al., 2016; Bidle and Azam, 1999, 2001).  
To quantify the effect of individual environmental variable on the ASi dissolution rate, the first-
order kinetic law has been widely used (Hurd, 1972, 1973; Kamatani, 1982; Kamatani and Riley, 
1979; Loucaides et al., 2012b; Van Cappellen et al., 2002). Assuming that the net dissolution rate 
is the balance between reversible detachment and attachment of DSi at specific surface sites of the 
silica, linear relationships between the reaction rate and the degree of undersaturation would be 
expected (Dixit et al., 2001; Hurd, 1973; Kamatani and Riley, 1979; Van Cappellen et al., 2002; 
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Van Cappellen and Qiu, 1997b). However, the surface of ASi, and the corresponding surface sites, 
are not constant during dissolution. Bulk specific surface areas, as measured for instance by the 
N2 adsorption method, may not account for changes in the surface area fraction (Falaize et al., 
1999; Fraysse et al., 2009; Hubbard and Riley, 1984; Kamatani et al., 1980; Van Cappellen et al., 
2002). Furthermore, detailed studies using flow-through reactors have yielded non-linear 
dependence of the dissolution rate and degree of undersaturation (Dove et al., 2008; Van Cappellen 
and Qiu, 1997b). In particular, the strong acceleration of the dissolution rate under high degrees of 
undersaturation points to different reaction mechanisms and silica surface structures at different 
degrees of undersaturation.  
Much of the previous work on ASi dissolution has focused on mimicking marine environmental 
conditions (Bidle and Azam, 1999; Dixit and Van Cappellen, 2002; Hurd, 1972, 1973; Kamatani 
and Riley, 1979; Koning et al., 1997; Lehtimaki et al., 2016; Loucaides et al., 2012a; Loucaides et 
al., 2010b; Rickert et al., 2002; Van Cappellen et al., 2004; Van Cappellen and Qiu, 1997a, b). As 
shown by Loucaides et al. (2008), at a given temperature, the several-fold faster dissolution rates 
of ASi in seawater, compared to low-salinity freshwater can in large part be explained by the higher 
pH and salinity of seawater compared to a typical freshwater.  
In this chapter, the dissolution kinetics of ASi, including synthetic and natural materials, are 
measured in simple NaCl solutions using batch experiments. The effects of pH and NaCl 
concentration are systematically assessed. In addition, potentiometric titrations are carried out to 
determine the surface charging properties of the various silicas. The results of the experiments 
provide baseline data in support of the use of Aerosil OX 50 as a synthetic analog of sediment ASi 
in the experiments described in the next chapter.  
2.3 Materials and Methods 
2.3.1 Materials 
Dissolution experiments were carried out with Aerosil OX 50 and Aerosil 300 (Evonik Resource 
Efficiency GmbH), freshly cultured diatom frustules, and an aged freshwater diatomaceous earth 
(Perma-Guard Inc.) (Table 2.1). Aerosil OX 50 and Aerosil 300 are fumed silicas of high chemical 
purity. The specific surface area of Aerosil OX 50 (50 m-2g-1) falls within the typical range of 
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biogenic silicas. The diatomaceous earth are deposits of Aulacoseria diatom frustules (92 weight % 
SiO2) formed during the Miocene in southern Nevada. The diatomaceous earth was suspended in 
a 50% (w/w) solution of HNO3 to remove impurities. The suspension was then repeatedly 
centrifuged at 5000 rpm and resuspended in water until the pH stabilized at a near-neutral value.  
The fresh diatoms, Cyclotella sp., Navicula Pelliculosa, and Cyclotella meneghiniana, were 
cultured in CHU-10 medium at room temperature (20±3 C) under a 16/8 light-dark cycle with a 
light intensity of 50-65 mE m-2 s-1. Twice a week, the diatoms were harvested on 0.2 μm pore-size 
polypropylene membrane filters. The collected cells were rinsed 3 times with Milli-Q water, frozen 
immediately and subsequently freeze-dried. After the freeze-drying cycle, the organic matrix of 
diatoms was removed by incubating the cells in concentrated nitric acid at 100 C for 20 min. 
Cultured frustules were repeatedly centrifuged at 11000 rpm for 20 min and resuspended in Milli-
Q water until the suspension pH returned to neutral conditions. The suspension was then freeze-
dried. The harvest and cleaning processes were repeated until sufficient diatom frustules were 
























m2 g-1 OH nm-2 F m-2 µmol L-1 µmol m-2 h-1  
Aerosil OX 50 50 2.25 1.3 1480 0.28 7.7 
Aerosil 300 300 2.25 1.3 2000 -- 8.4 
Cyclotella sp. 102 4.60 5.0 1351 0.39 7.2 
Cyclotella 
meneghiniana 
79 4.60 5.0 1156 0.22 7.1 
Navicula 
pelliculosa 
100 -- -- 1300 0.33 -- 
Diatomaceous 
earth 
35 0.50 5.0 -- -- 7.1 
1Measured by N2 BET on a Gemini VII instrument; 2, 3 From previous studies (Charlet et al., 1993; 
Evonik Industries AG, 2015; Zhuravlev, 1987); 4, 5 “Fast” dissolution rate constants at pH 7.5 and 
25±1 °C in this study. 6 Derived from constant capacitance model fits in this study, with initial 
values selected from previous studies (Dixit and Van Cappellen, 2002; Fraysse et al., 2009; 







2.3.2 Potentiometric titrations  
The surface charge of the different ASi materials were measured by potentiometric titrations in the 
pH range of 4.0 to 8.5. The surface site densities and site compositions were determined by fitting 
the experimental titration data with a surface complexation model (see below). The titration 
experiments were conducted at 25±1 °C in a 0.01 M NaCl matrix solution using a Metrohm 907 
Titrando equipped with a high-resolution pH meter. The ASi suspensions of 1 g L-1 were 
continuously stirred for 3 days to equilibrate with the electrolyte solution, and then sparged with 
N2 gas for 3 hours to degas CO2. Before each titration, the pH value of the suspension was adjusted 
to 3 by stepwise additions of 0.02 M HCl. Titration started with the automatic injection of 0.1-15 
µL of 0.02 M NaOH with a pH step of 0.2 units. A signal drift of less than 0.5 mV per minute or 
a maximum waiting time of 1 hour was used as the equilibrium criterium. The background solution, 
obtained by filtering the suspension of ASi through a 0.2 μm pore-size filter, was titrated in exactly 
the same manner as the ASi suspension described above. Humidified N2 gas was continuously 
sparged during the titrations to keep the suspension CO2 free, and the experimental reactor was 
covered with punctured Parafilm to minimize evaporation. 
2.3.3 Surface charge calculations 
In titrating a suspension of ASi, the silanol groups (>SiOH) formed by the hydration of the silica 
surface can protonate and deprotonate: 
 > SiOH + H+ ↔ SiOH2
+ (2.1) 
 > SiOH ↔ SiO− + H+ (2.2) 
These reactions are responsible for the pH-dependent evolution of the surface charge of the ASi in 
the absence of specifically adsorbing ions other than H+ and OH-. According to charge balance, 
any point on the titration curve can be expressed by: 
 𝐶A + [> SiO
−] + [OH−] + [H3SiO4
−] = 𝐶B + [> SiOH2
+] + [H+] (2.3) 
where [ ] indicates the molar concentration of a solute or surface species, expressed per unit volume 
solution, and CA and CB are the concentrations of acid (HCl) and base (NaOH) added, respectively.  
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The net surface charge Q can be calculated as a function of pH from the difference between the 
total amount of added base or acid and the equilibrium OH- and H+ ion concentrations, normalized 
to the ASi concentration a (g L-1) (Stumm, 1992): 
 
𝑄 =








where H+ and OH- are the activity coefficients of H+ and OH-, respectively, and pKw is the negative 
logarithm of the water dissociation constant. The concentration of H3SiO4- as a function of pH was 
estimated by titrating the background solution. Consequently, the net surface charge Q of ASi can 
be alternatively calculated with:  
 
𝑄 =




where CAi and CBi correspond to the concentrations of acid and base, respectively, for the ith 
addition of titrant to the ASi suspension and electrolyte solution, respectively. The surface charge 







where F is the Faraday’s constant (96485 C mol-1), and s the specific surface area (m2 g-1). 
The acid-base titration data were fitted with the constant capacitance model in FITEQL and 
deriving the intrinsic dissociation constant (-log K-int) of the surface silanol groups (Herbelin and 
Westall, 1999). The protonation reaction for ASi was ignored when fitting the titration data 
because of the very low point of zero charge of ASi (pHzpc ≈ 2.0-3.5) (Dixit and Van Cappellen, 
2002; Stumm, 1992). 
2.3.4 Dissolution experiments  
Preliminary experiments were done with Aerosil OX 50 to test the effects of variable HEPES (4-
(2-hydroxyethyl)-1-piperazineethanesulfonic acid) concentrations on the suspensions’ pH stability 
and ASi dissolution rate. The results indicated that the addition of different amounts of HEPES 
barely affected the dissolution rate of ASi, and that 0.01 M HEPES was sufficient to keep pH 








Table 2.2. Experimental design for dissolution kinetics of amorphous silica (ASi). 




1 Aerosil OX 50 
0.001, 0.005, 0.007, 0.01, 
0.05, 0.1, 0.3, 0.7 M NaCl + 
0.01 M HEPES 
1 g L-1 6.8, 8.2 
2 Aerosil OX 50 
0.01 M NaCl + 0.01 M 
HEPES 
1 g L-1, 0.2 g L-1 6.8, 7.5, 8.2 





1 g L-1, 0.2 g L-1 6.8, 7.5, 8.2 













The different dissolution experiments are summarized in Table 2.2. In experiment series 1, the 
effect of varying the NaCl concentration from 0.001 to 0.7 M NaCl on the dissolution of Aerosil 
OX 50 was tested. All other experiment series were run in 0.01 M NaCl. The dissolution 
experiments were carried out in 12 mL cleaned polypropylene tubes containing 10 mL of NaCl 
solution, whose pH value had been pre-adjusted with NaOH and HCl. The tubes were kept at 25±
1 °C on a rotating shaker at 18 rpm. In the case of the cultured diatom frustules, a solid 
concentration of 0.2 g ASi L-1 was used and aliquots of 2 mL suspension were collected at 
designated intervals because of the limited amounts of biogenic ASi available. 
2.3.5 Analytical methods 
All samples and solid reagents were weighed on an analytical balance with a precision of 0.1 mg 
and all solutions were prepared by dissolving analytical-grade reagents in Milli-Q water, unless 
otherwise stated. Samples collected from the dissolution experiments were filtered with 0.45 µm 
pore-size polypropylene syringe filters (EMD Millipore Corporation), acidified with ultra-pure 
nitric acid to pH < 2, and analyzed using Inductively Coupled Plasma-Optical Emission 
Spectroscopy (ICP-OES, Thermo Scientific iCAP 6300) for the concentrations of total dissolved 
Na, Si, and Fe with the US EPA Method 200.7. Matrix-matched standards were prepared from 
Fisher Scientific stock standards (Thermo Fisher Scientific) to eliminate matrix interferences on 
the analytical results. Reference samples prepared with multi-element standards (Delta Scientific 
Laboratory Products Ltd.) were analyzed along with all samples for data quality control. The 
precision of the reference sample measurements across the sample run was better than 10%, and 
the relative standard deviations were within 5%. For samples with a volume smaller than that 
required for ICP-OES analysis and the DSi concentration was below the ICP-OES detection limit 
after dilution, the molybdenum blue method (U.S. EPA., 1978) was used on a UV-Vis 
Spectrophotometer (Thermo Evolution 260) to measure the DSi concentration, with the precision 




2.4.1 Potentiometric titrations 
From the data of the titration experiments, the pH-dependent surface charges of the different ASi 
materials were calculated with Equations (2.5) and (2.6). The results are shown in Figure 2.1. All 
ASi materials carried negative surface charge in the pH range of 4.0 to 8.5. They also showed 
increasing electrical charge build-up with increasing pH. However, large differences in the 
magnitudes of the charge per unit area were observed. The freshly harvested frustules had higher 
negative surfaces than Aerosil OX 50. For example, at pH 8.5, the absolute surface charges of 
fresh diatom frustules were more than three times than that of the Aerosil OX 50.  
The surface charge of diatomaceous earth versus pH deviated significantly from the observed pH 
trends of the other ASi. In particular, between pH 4 and 5.5 the diatomaceous earth exhibited much 
larger negative surface charges than the other ASi. The trend for the diatomaceous earth, with the 
distinct break at pH 5.5, also could not be captured by the constant capacitance model. Possibly, 
the high negative surface charging at pH < 5.5 is due to a non-silica constituent within the earth 
mixture (Dixit and Van Cappellen, 2002). In what follows, only the data at pH ≥ 5.5 were modeled 
after correcting the surface charges assuming the pH 5 charge is entirely due to non-ASi 
constituents (the corrected data are shown by the black squares on Figure 2.1).  
2.4.2 Surface complexation model 
To fit the surface charge data with the constant capacitance model in FITEQL, five sets of 
simulations were carried out for various ASi materials. These sets of simulations and the results 
are illustrated Table 2.3 for Aerosil Ox 50. In each simulation, a value of the capacitance was 
imposed and initial values were assigned to the intrinsic proton dissociation constant, the total 
silanol site concentration and the aqueous silicic acid (or DSi) concentration. Note that the latter 
accounts for the fact that during the titration some dissolution of the solid takes place. The five 
sets of the simulations differed by the parameters that were optimized for. That is, the latter 
parameters were allowed to deviate from their initial values, while the values of the other 
parameters were hold constant. Goodness of fit was estimated using the weighed sum of squares 
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divided by the number of degree of freedom, WSOS/DF, where DF is equal to the number of 
parameters being optimized. 
Simulation 1 yielded the best fits to the Aerosil OX 50 experimental data judging from the 
WSOS/DF values (Table 2.3). However, the optimized silanol site densities were much lower than 
those obtained in previous studies that assessed ASi surface site densities via titration and/or 
adsorption experiments (Dixit and Van Cappellen, 2002; Fraysse et al., 2009; Loucaides et al., 
2010a; Osthols, 1995). Moreover, some of the optimized DSi concentrations in Simulation 1 
exceeded the solubility of ASi under the experimental conditions. Simulation 3 yielded reasonable 
intrinsic dissociation constants of reaction (2-2) when imposing surface site densities close to those 
previously reported: 2.25 >SiOH nm-2 for Aerosil OX 50, 4.60 >SiOH nm-2 for the freshly 
harvested diatom frustules, and 0.5 >SiOH nm-2 for diatomaceous earth.  
Given that, overall, the simulation 3 results produced good fit to the data, they guided the selection 
of the parameter values for the surface complexation modeling. The selected parameter values are 
summarized in Table 2.1 and the model fits of the surface charge data are shown in Figure 2.1. 
The interdependence of the surface site density and the proton dissociation constants, typically 
expressed in negative logarithmic form, -log K-int, is illustrated in Table 2.4, which provides the 








Figure 2.1. Surface charge density of various amorphous silica (ASi) as a function of pH. The data 
points are calculated with Equations (2.5) and (2.6) using the results of the potentiometric titrations; 
the solid squares are obtained by subtracting the charges of the diatomaceous earth measure at pH 
5.5 from the charges measured at pH ≥ 5.5. This correction assumed that the charges measure at 
pH ≤ 5.5 are associated with non-siliceous detrital constituent in the diatomaceous earth. The lines 




Table 2.3. Simulation scenarios for fitting the constant capacitance model to the potentiometric 































0.4 K, α, H4SiO4 7.5 2.25 400 -- -- -- -- 
0.5 K, α, H4SiO4 7.5 2.25 400 6.8 1.37 1809 3.23 
1.3 K, α, H4SiO4 7.5 2.25 400 6.4 0.33 2005 3.51 
2.0 K, α, H4SiO4 7.5 2.25 400 6.4 0.30 2048 3.65 
6.0 K, α, H4SiO4 7.5 2.25 400 6.5 0.29 2094 3.86 
2 
1.3 K, α 7.5 2.25 400 -- -- -- -- 
1.3 K, α 7.5 2.25 1200 7.3 1.32 1200 4.90 
1.3 K, α 7.5 2.25 1800 6.6 0.40 1800 3.50 
1.3 K, α 7.5 2.25 2000 6.4 0.33 2000 3.39 
0.5 K, α 7.5 2.25 1200 -- -- -- -- 
0.5 K, α 7.5 2.25 1800 6.9 1.57 1800 3.12 
0.5 K, α 7.5 2.25 2000 6.2 0.44 2000 3.24 
3 
0.5 K 7.5 1.00 1800 6.7 1.00 1800 3.04 
0.5 K 7.5 2.25 1800 7.1 2.25 1800 3.03 
0.5 K 7.5 4.60 1800 7.4 4.60 1800 3.04 
0.5 K 7.5 5.50 1800 7.5 5.50 1800 3.04 
0.5 K 7.5 10.00 1800 7.8 10.00 1800 3.05 
1.3 K 7.5 1.00 1800 7.5 1.00 1800 6.75 
1.3 K 7.5 2.25 1800 8.0 2.25 1800 8.20 
1.3 K 7.5 4.60 1800 8.3 4.60 1800 8.75 
1.3 K 7.5 10.00 1800 8.7 10.00 1800 9.00 
4 
0.5 α, H4SiO4 6.2 2.25 1800 6.2 0.47 1948 3.21 
0.5 α, H4SiO4 7.5 2.25 1800 7.5 5.57 1773 3.13 
0.5 α, H4SiO4 7.9 2.25 1800 7.9 13.77 1767 3.13 
0.5 α, H4SiO4 8.5 2.25 1500 8.5 54.36 1764 3.14 
1.3 α, H4SiO4 6.2 2.25 1800 6.2 0.28 2129 3.55 
1.3 α, H4SiO4 7.5 2.25 1800 7.5 1.50 1300 4.80 
1.3 α, H4SiO4 7.9 2.25 1800 7.9 3.47 1212 5.12 
1.3 α, H4SiO4 8.5 2.25 1500 8.5 13.2 1169 5.3 
5 
0.5 K, H4SiO4 8.5 2.25 1800 7.1 2.25 1789 3.12 
1.3 K, H4SiO4 8.5 2.25 1800 7.7 2.25 1233 5.00 
1For each of the scenario series the shaded cells identify which parameter sensitivity is being tested. The corresponding parameter 
value was adjusted manually to determine its effect on the goodness-of-fit.   
2The value of capacitance cannot be optimized in FITEQL, the values listed are based on previous studies (Dixit and Van Cappellen, 
2002; Fraysse et al., 2006, 2009; Loucaides et al., 2010; Osthols, 1995). 
3Values of initial -log K were selected from previous studies (Dixit and Van Cappellen, 2002; Loucaides et al., 2010a; Osthols, 1995; 
Fraysse et al., 2006).  
4Values of initial H4SiO4 concentrations were assigned based on concentrations measured in the filtered electrolyte solutions of the 
titration experiments, based on the solubility of ASi measured in the dissolution experiments.  
5Initial surface silanol densities α from previous studies (Armistead et al., 1969; Osthols, 1995). 




The baseline -log K-int values for Cyclotella sp. and Cyclotella meneghiniana were 7.2 and 7.1, 
respectively. Synthetic Aerosil OX 50 and Aerosil 300 had somewhat higher -log K-int values, 7.7 
and 8.4, respectively. These values are very close to those obtained by Loucaides et al. (2010a) for 
fresh biogenic silica (6.8) and Aerosil OX 50 (7.8). While the model calculations converged for 
the diatomaceous earth, the fit to the corrected experimental data was not as good as for the other 
ASi materials (Figure 2.1), as also reflected by the almost 50 times larger WSOS/DF value than 
for Aerosil OX 50. With the model parameters in Table 2.1, the constant capacitance model 
predicts that at pH 8.5 26%, 51% and 50% of the silanol groups were deprotonated for Aerosil OX 
50, the Cyclotella sp. and diatomaceous earth, respectively. 
 
Table 2.4. Best guesstimates of silanol densities and ionization constants of the ASi materials. 
Amorphous 
silica 
 Surface silanol 
density -log K-int 
 >SiOH nm-2 
Aerosil OX 50  2.25 (1.00 - 5.50) 7.7 (6.5 - 7.5) 
Aerosil 300  2.25 (1.00 - 5.50) 8.4 (7.7 - 8.4) 












2.4.3 Dissolution kinetics of amorphous silica 
2.4.3.1 Dissolution of different ASi at pH 7.5  
The relative dissolution kinetics of the different ASi materials are illustrated in Figure 2.2. As 
expected, the dissolution of Aerosil 300 was fastest and reached equilibrium with the aqueous 
phase within the first 24 hours. In comparison, the dissolution of diatomaceous earth was so slow 
that the DSi concentration remained near zero after 140 hours at a solid to solution ratio of 1 g L-
1. The dissolution kinetics of Aerosil OX 50 fell between those of Aerosil 300 and the 
diatomaceous earth, releasing about 800 μM DSi to the aqueous phase after 150 hours (Figure 2.2, 
panel a). For the cultured diatoms frustules, at 0.2 g L-1 solid to solution ratio, steady DSi 
concentrations were reached after about 900 hours (Figure 2.2, panel b). For the same 0.2 g L-1 
solid to solution ratio, it took Aerosil OX 50 about 1500 hours to reach equilibrium. Note that the 
solubility of Aerosil OX 50 and Cyclotella sp. were quite close to one other.  
The first-order kinetic law has been widely used to analyze ASi dissolution data in batch 
experiments (Barker et al., 1994b; Hurd, 1972, 1973; Loucaides et al., 2012a; Van Cappellen et 
al., 2002):  
 𝑅𝑎𝑞 = 𝑑𝐶/𝑑𝑡 = 𝑘
∗ ∙ (𝐶eq − 𝐶) (2.7) 
where Raq is the dissolution rate in units of DSi produced per unit time (µmol L-1 h-1), C is the 
concentration of DSi (µmol L-1), Ceq is the equilibrium concentration of DSi (µmol L-1), t is the 
reaction time (h), and k* is the dissolution rate constant (h-1). Given that the initial concentration 
of DSi at t = 0 is zero, integration of Equation (2.7) gives: 
 ln [(𝐶eq − 𝐶)/ 𝐶eq] = −𝑘
∗ ∙ 𝑡 (2.8) 
where the slope of ln [(Ceq - C)/Ceq] versus t is equal to -k*. The term [(Ceq - C)/Ceq] is referred to 
as the degree of undersaturation. It is a nondimensional value that varies from 1 (highest 
undersaturation) to 0 (equilibrium). Thus, the value of k* can be derived from a log-linear plot of 
the degree of undersaturation against time. 
As the dissolution of solid phase takes place at the solid-aqueous solution interface, in order to 
compare the dissolution kinetics of different ASi materials, the rate is often normalized to the 
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amount of exposed surface area. For a specific surface area s (m2 g-1) and a solid to solution ratio 
m (g L-1) of ASi (m = 1 or 0.2 g L-1 in this study), the rate per unit of exposed surface area, R, is 
given by: 
 𝑅 = 𝑅𝑎𝑞/(𝑚 ∙ 𝑠) (2.9) 
where R is in unit of µmol m-2 h-1.  The rate R is then expressed as: 
 𝑅 = 𝑘 ∙ [(𝐶𝑒𝑞 − 𝐶)/𝐶𝑒𝑞)] (2.10) 
where k, the surface area normalized dissolution rate constant of ASi in units of µmol m-2 h-1, is 
derived from the observed rate constant k*: 
 𝑘 = 𝑘∗ ∙ [𝐶𝑒𝑞/(𝑚 ∙ 𝑠)] (2.11) 
A typical dissolution curve for Navicula pelliculosa frustules is shown in panel a of Figure 2.3. 
Plotting the data in a log-linear plot according to with Equation (2.8) reveals that the dissolution 
process can be broken down in three phases (Figure 2.3, panel b): (1) a very rapid initial build-up 
of DSi, likely due to fast release of adsorbed H4SiO4, followed by (2) fast ASi dissolution at high 
degree of undersaturation, and lastly, (3) a slower dissolution as the ASi-aqueous solution system 
approaches equilibrium. Each of the three stages, can be assign its own apparent (k*) and surface 
normalized (k) rate constants. To compare the dissolution kinetics of the different ASi materials, 
in what follows, I use the rate constants k of the fast dissolution stage (i.e., the second stage). These 
dissolution rate constants are summarized in Table 2.1. As can be seen, the values are all of similar 
order of magnitude. Note that the values of the rate constants for all three stages of the dissolution 










Figure 2.2. Dissolution kinetics of the different ASi in 0.01 M NaCl, pH 7.5 suspensions with (a) 
1 g L-1 solid to solution ratio at room temperature (20±3 C), and (b) 0.2 g L-1 solid to solution 
ratio at 25±1 °C. 
 
 
Figure 2.3. The dissolution kinetics of Navicula pelliculosa frustules in a batch experiment (0.2 g 
ASi in 1 L matrix solution with 0.01 M NaCl and pH 7.5, 25±1 °C). (a) DSi concentration versus 
time; (b) log-linear plot of [(Ceq - C)/Ceq] versus time (Equation (2.8). The slopes of the red line in 
panel (b) correspond to the “fast” dissolution rate constant k.  
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2.4.3.2 Dissolution kinetics: effect of pH  
Aerosil OX 50 and acid-cleaned Cyclotella sp. frustules were suspended in 0.01 M NaCl plus 0.01 
M HEPES solutions at pH values 6.8, 7.5 and 8.2 (Experiments 2 to 7, Table 2.2). The pH-
dependent dissolution rate constants (k) calculated for the fast dissolution stage of ASi are shown 
in Figure 2.4. As can be seen, the logarithms of the dissolution rate constants increased linearly 
with pH. The dissolution rate constant of Cyclotella sp. at pH 8.2 was about 4.5 times larger than 
that at pH 6.8, whereas for Aerosil OX 50 it was about 3 times higher. 
The effect of pH on the kinetics of silica dissolution has been widely studied, including for quartz 
(Brady and Walther, 1990; Knauss and Wolery, 1988), vitreous silica (Wirth and Gieskes, 1979), 
and biogenic silica (Fraysse et al., 2006; Lewin, 1961; Loucaides et al., 2008; Van Cappellen et 
al., 2002). The positive correlation between the dissolution rate constant and pH is explained by 
the increasing surface charge as pH increases, because of deprotonation of the surface silanol 
groups. Charged surface sites are inherently less stable and therefore dissolved faster. 
The following surface reaction model (Dove, 1992, Fraysse, 2006) has been used to express the 
dissolution kinetics of ASi at different pH: 
 𝑘 = 𝑘0 ∙ 𝜃>SiOH2+ + 𝑘1 ∙ 𝜃>SiOH + 𝑘2 ∙ (𝜃>SiO−)
𝑛 (2.12) 
where θ>SiOHi is the fraction of the i-th surface species, k0, k1 and k2 are the rate constants associated 
with the different surface species (units: µmol m2 h-1) and n is the order of the hydroxyl-promoted 
dissolution.  
For pH  6.8, the protonated silanol groups are negligible, and the first term on the RHS of 
Equation (2.12) can be ignored. Fitting of the Aerosil OX 50 data then yielded the following rate 
parameters (R2 = 0.99): k1 = 0.04±0.01 (µmol m2 h-1), k2 = 3.44±0.37 (µmol m2 h-1) and n = 1.28
±0.07. In the pH range 6.0 to 8.5, the pH-dependent dissolution rate constant of Aerosil OX 50 
could also be described by: 












Figure 2.4. Dependence on pH of the surface area normalized dissolution rate constant (k) of 
various ASi materials. Note that the y axis is logarithmic. Data for bamboo phytoliths are from 
Fraysse et al. (2006) who used mixed flow reactors instead of batch experiments. Fast dissolution 
is the dissolution of ASi under high degree of undersaturation. Slow dissolution is the dissolution 
of ASi under low degree of undersaturation.  
 
43 
2.4.3.3 Dissolution kinetics: ionic strength dependence 
The concentration of NaCl strongly impacted the ASi dissolution kinetics of Aerosil OX 50 at pH 
6.8, as shown in Figure 2.5. The largest increase in the rate constant k occurred between NaCl 
concentrations from 0 to 0.1M. At higher NaCl concentrations, the rate constant asymptotically 
approached its maximum value. Thus, within the ionic strength range for natural fresh waters, the 
dissolution rate constant of ASi would be expected to be highly sensitive to salinity variations. 
The rate-enhancing effect of NaCl on the dissolution kinetics of silica is well-known (Icenhower 
and Dove, 2000; S. Plettinck, 1994; Seidel et al., 1997). The enhancement effect is generally 
accepted to be linked to the formation of reactive surface complexes. The formation of these 
complexes can be described by a Langmuir isotherm, and the rate constant of dissolution is then 
given by (Icenhower and Dove, 2000; S. Plettinck, 1994): 
 𝑘 = 𝑘max, Na+ (
𝐾abs,Na+ [𝑚Na+]
1 + 𝐾abs,Na+[𝑚Na+]
) + 𝑘𝑁𝑎,0 (2.14) 
where kNa,0 is the dissolution rate constant in the absence of NaCl, kmax,Na is the maximum 
dissolution rate in NaCl solution corrected for kNa,0, [mNa+] is the molar concentration of sodium, 
and Kabs,Na+ is the equilibrium constant describing reversible Na+ adsorption (dimensionless). Least 
square fitting of the data in Figure 2.5 to Equation (2.14) yielded (R2 = 0.99): 0.07±0.01 and 0.46














Figure 2.5. Effect of NaCl concentration on the dissolution rate of Aerosil OX 50 at pH 6.8 and 




2.5 Discussion  
2.5.1 Electrical charging properties  
Potentiometric titrations and surface complexation modeling have been widely used to characterize 
the aqueous surface chemistry of ASi (Dixit and Van Cappellen, 2002; Fraysse et al., 2009; 
Loucaides et al., 2010a; Osthols, 1995; Stumm, 1992). Because of the very low point of zero 
charge of ASi (pHzpc  ≈  2.0-3.5, Dixit and Van Cappellen, 2002), in natural waters the 
deprotonation of silanol groups is responsible for the negative surface charge of ASi materials 
(Figure 2.1). The surface charge is therefore mainly controlled by the surface silanol density (α), 
the intrinsic deprotonation constant (-log K-int) and the electrostatic interactions that are accounted 
for by the capacitance values in surface complexation models.  
Values of the surface silanol density and the intrinsic deprotonation constant can, in principle, be 
obtained by fitting acid-base titration data with constant capacitance model. However, the various 
model simulation scenarios illustrated in Table 2.3 for Aerosil OX 50, show that similar goodness 
of fits can be obtained with markedly different parameter values, because the parameters are highly 
correlated. Thus, a decrease in α can be compensated by a lower value of -logK-int and still yield 
the same surface charge. In addition, in the constant capacitance model the capacitance value has 
to be imposed, and the DSi concentration is an unknown parameter. Although I use relatively “fast” 
titration (about 10 hours for one titration), ASi dissolution can lead to a significant drift in the 
estimated surface charge, especially at high pH (Loucaides et al., 2010a). This can be corrected by 
allowing for a high DSi concentration, but this in turn may affect the quality of the model fit at 
low pH. Here, the best results were obtained with relatively high DSi concentration, close to 
solubility equilibrium (1000-2000 µM). 
Because capacitance cannot be optimized with FITEQL, imposed values were manually varied. 
While the Simulation 1 results show that the capacitance value does not affect the goodness of fit 
of the model for Aerosil OX 50 and Aerosil OX 300, it impacts the fits to ASi materials with high 
charge densities, in particular the fresh cultured diatom frustules. In the model fits shown in Figure 
2.1, a capacitance value of 5 F m-2 is imposed for Cyclotella sp., Cyclotella meneghiniana and 
diatomaceous earth, and 1.3 F m-2 for Aerosil OX 50.  
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Highly variable surface silanol densities are obtained from the model fits as illustrated in Table 
2.3 for Aerosil OX 50 (from 0.3 to  50 >SiOH nm-2), implying that a high degree of uncertainty 
associated with these estimates. Similar broad ranges have been reported in previous studies, e.g., 
Armistead et al. (1969) and Osthols (1995). In part this is due to the different methods used to 
measure surface site densities of oxide minerals. Zhuravlev (1987, 2000) used the deutrio-
exchange method and concluded that the surface site densities of ASi materials varied within the 
range 4.20 to 5.70 >SiOH nm-2 for fully hydroxylated surfaces. The surface silanol density for 
Aerosil silica materials measured by the lithium alanate method, however, yields smaller values, 
2.20 to 2.50 SiOH nm-2 (Evonik Industries AG, 2015).  
In line with previous work, average total silanol densities of 2.25 and 4.60 >SiOH nm-2 are 
assigned to Aerosil OX 50 and fresh cultured diatoms frustules, respectively (Table 2.4), and 
0.50 >SiOH nm-2 to the diatomaceous earth. The larger value for fresh frustules, compared to the 
Aerosil materials accounts for the presence of ionizable silanol groups located within the silica 
structure. The existence of these internal silanol groups was demonstrated by Loucaides et al. 
(2010a) and explains the high apparent surface charges on fresh diatom frustules (see also section 
2.5.3). The low value for the diatomaceous earth accounts for aging processes that progressively 
eliminate the microporosity (internal silanol groups) and surface roughness (external silanol 
groups). 
2.5.2 Dissolution kinetics: rate equation 
The first-order kinetic law (Equation (2.7) can be derived from transition state theory (TST) when 
the dissolution of ASi can be treated as an elementary reaction, or when the activation energy of 
the detachment to solution of the reactive surface sites is much higher than those of other steps. 
However, the experimental results in this study, as well as previous work, show that a single linear 
dissolution rate equation does not hold across the entire domain of undersaturation as shown in 
panel b of Figure 2.3 (see also in Dove et al (2008) and Van Cappellen and Qiu (1997b)). Dove et 
al. (2008) proposed that the non-linear dissolution kinetics can be explained based on the classical 
theory of polynuclear nucleation kinetics. According to this theory, the availability of reactive Q2 
surface groups (i.e., silicate groups bonded to the silica lattice via two bridging oxygens) increases 
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exponentially with increasing degree of undersaturation, as does the dissolution rate. The rate is 
then controlled by the detachment of Q2 units at the surface.  
The three phases observed during the dissolution batch experiments (Figure 2.3, panel b) can be 
attributed to the following succession of processes. (1) When ASi is first exposed to a DSi-free 
aqueous solution, loosely sorbed silicic acid molecules are immediately released to solution. (2) 
Polynuclear dissolution kinetics at high degree of undersaturation are responsible for the fast 
dissolution, which can be approximated by the linear rate law together with a relative high rate 
constant. (3) Below a critical degree of undersaturation, detachment of less reactive Q3 surface 
groups (i.e., silicate groups bonded to the silica lattice via three bridging oxygens) becomes the 
rate-controlling processes. The rate in the third phase can also be represented by the linear law, 
but with a slower value for the rate constant. The three rate constants describing the three phases 
of the dissolution processes as listed in Table A.2 for the different ASi materials used in the 
experiments. 
To determine the degree of undersaturation separating the fast (stage 2) from the slow (stage 3) 
dissolution kinetics, all the existing studies that measured silica dissolution rates across the entire 
range of degree of undersaturation were assembled, that is, for values of [(𝐶eq − 𝐶)/ 𝐶eq] from 1 
to 0 (Table A.1, Supplementary Information). These include studies on biogenic ASi, synthetic 
ASi, and quartz (Berger et al., 1994; Dove et al., 2008; Gallinari et al., 2008; Rickert, 2000; 
Seeberg-Elverfeldt et al., 2005; Van Cappellen and Qiu, 1997b; Wu et al., 2017; Wu et al., 2015; 
Zhang et al., 2015). For each experimental data set the boundary between fast and slow dissolution 
is estimated from the intersection of the two corresponding linear trends. The values of the 
undersaturation boundaries are listed in Table A.1 and plotted as a frequency diagram in Figure 
2.6: most values of [(𝐶eq − 𝐶)/ 𝐶eq] are higher than 0.4, with a mean value around 0.55. Thus, in 
natural environments when the degree of undersaturation with respect to the dissolving ASi phase 






Figure 2.6. Probability distribution of degree of undersaturation at which the transition of “fast” 
and “slow” ASi dissolution has been observed (n = 39). Data are from previous studies: Berger et 
al., 1994; Dove et al., 2008; Gallinari et al., 2008; Rickert, 2000; Seeberg-Elverfeldt et al., 2005; 
Van Cappellen and Qiu, 1997b; Wu et al., 2017; Wu et al., 2015; Zhang et al., 2015. The studies 
were conducted with cultured biogenic ASi, recent sediments, diatomaceous earth and quartz. For 
the numerical values of the degree of undersaturation, see Table A.1.  
 
 
Figure 2.7. Effect of NaCl concentration on the “fast” dissolution rate constant of Aerosil OX 50 
at pH 6.8 and 8.2, and at 1 g L-1 and 25±1 °C).  
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2.5.3 Dissolution kinetics: external versus internal silanol groups 
The much higher electrical charging of the freshly harvested diatom frustules compared to Aerosil 
OX 50 (Figure 2.1) is not accompanied by a correspondingly higher dissolution rate (Figure 2.4), 
as would be expected from the surface complexation model of dissolution (Equation 2.12). This is 
consistent with the work of Loucaides et al. (2010a) who showed that the electrical charge of 
nanoporous biogenic silicas measured with potentiometric titrations reflects the ionization of both 
external and internal silanol groups, but the dissolution kinetics are controlled by the detachment 
of the external groups only (i.e., the silanol groups that are located on the outer surface of the 
frustules). This is because the internal groups are accessible to protons, but not to the relatively 
larger reactants involved in silica dissolution, such as H2O and Na+. For non-porous Aerosil OX 
50, the absence of internal silanol groups results in a direct correlation between electrical charging 
and the dissolution kinetics, as embodied by Equation (2.12).  
While Aerosil OX 50 provides a useful (and easily available) reference material to study surface-
controlled dissolution processes of ASi (Dixit and Van Cappellen, 2002; Loucaides et al., 2010a; 
Osthols, 1995), it is important to acknowledge the variable fractions of internal and external 
silanols in biogenic silicas. For example, when using the parameters obtained by fitting Equation 
(2.12) to the Aerosil OX 50 data (see section 2.4.3.2), the pH-dependent dissolution rate constants 
of Cyclotella sp. are overpredicted. This apparent discrepancy can be resolved by taking into 
account the presence of (non-reactive) internal silanol groups: the kinetic data then imply that 
about 67% of the total silanol sites of the fresh Cyclotella sp. frustules are accessible to dissolution. 
2.5.4 Dissolution kinetic: pH and Na+ 
The pH trends of the fast dissolution rate constants of Aerosil OX 50 and Cyclotella sp. obtained 
here are consistent with those of other biogenic ASi, as shown in Figure 2.4. The pH-dependent 
ionization of silanol groups explains the correlation between the dissolution rate constants of ASi 
materials and the pH of the bulk solution (Fraysse et al., 2006, and references therein). The 
accelerating effect of Na+ provides another example of a solution-driven change in the surface 
reactivity of silicas (Dove, 1995). As a major cation in fresh and marine waters, Na+ is adsorbed 
on silica surfaces as an outer-sphere complex where it enhances the deshielding of >SiOH groups. 
The resulting change in the electron distribution of the Si atoms weakens the siloxane bond, hence 
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catalyzing the detachment to solution (Dove and Crerar, 1990; Icenhower and Dove, 2000; S. 
Plettinck, 1994; Seidel et al., 1997).  
The maximum enhancement factor of the dissolution rate constant of Aerosil OX 50 at 0.7 M Na+ 
is about 9 (Figure 2.5), which falls within the range of 3 to 21 in previous studies (Dove et al., 
2008; Icenhower and Dove, 2000; Plettinck, 1994). The large variation in enhancement factors is 
likely be due to variable accessibility of surface sites for Na+ adsorption and differences in 
experimental conditions. The Kabs,Na+ constant obtained by fitting Equation (2.14) to the data in 
Figure 2.5 (25.6±3.1) is close to the value of 22 reported by Icenhower and Dove (2000). Most 
fresh waters, however, have salinities that correspond to the extreme left side of Figure 2.5. As 
shown in Figure 2.7, at low Na+ concentrations, the dependence of the dissolution rate constant of 
Aerosil OX 50 on the Na+ concentration can be approximated by a linear relationship. For the pH 
extremes tested in this study (pH 6.8 and 8.2), the following equation accounts for variations in 
the Na+ concentration:    
 𝑘25℃ = 11 ∙ (𝐶𝑁𝑎+ − 0.01) + 𝑘0.01 (2-15) 
where k25°C and k0.01 are the rate constants (µmol m-2 h-1) at the given Na+ concentration and in 
0.01 M NaCl, respectively, and CNa+ is the concentration of Na+ in units of mol L-1. Note that the 
rate constants in Equation (2.15) are the values at 25± 1°C. The rate constants can be corrected for 
temperature using the Arrhenius equation with an activation energy in the range 57-74 kJ mol-1 
(see Loucaides et al., 2012b, and references therein). 
2.6 Conclusions 
Several ASi materials, including biogenic and synthetic ASi, were analyzed by potentiometric 
titrations and batch dissolution experiments. The titrations show major differences in the charging 
behavior of the ASi materials. While the data can be fitted with the constant capacitance model, 
the results also show that there are no unique solutions for the model parameters. In addition, the 
lack of correlation between measured electrical charge and dissolution rate constants confirms the 
existence of an internal pool of silanol groups in the freshly cultured diatom frustules. These 
internal groups, which contribute to the electrical charging of the frustules but not to their 
dissolution rate, are not explicitly taken into account in the constant capacitance model. However, 
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by comparing the charging and dissolution rate constants of porous (biogenic) and non-porous 
(Aerosil OX 50) silicas, it becomes possible to estimate the fraction of internal silanol groups in 
porous ASi materials. The dissolution batch experiments also show that a single linear rate law 
does not represent the dissolution kinetics of ASi over the entire range of degrees of 
undersaturation. At high degrees of undersaturation (on average ≥ 0.55), the larger value of the 
rate constant possibly reflects a polynuclear nucleation mechanism. In line with earlier work, our 
results further show a strong effect of changes in pH on the dissolution kinetics, because of the 
pH-dependent ionization of surface silanol groups. We also confirm the accelerating effects of Na+ 
ions on the dissolution rates of ASi.    
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Chapter 3                                                                                       
Influence of Fe(II) adsorption on the dissolution kinetics of 
amorphous silica 
3.1 Summary 
The dissolution of amorphous silica (ASi) is the first step in the recycling of reactive Si back into 
solution where it can be used again by siliceous organisms, including diatom communities in 
aquatic environments. While the effects of environmental variables, such as temperature, pH and 
the degree of undersaturation, have been thoroughly investigated, the role of redox-sensitive 
variables on the dissolution of ASi remain largely unexplored. This is the case of iron (Fe) cycling 
along redox gradients in freshwater environments. The present study focuses on the mechanisms 
by which interactions between ASi and aqueous Fe(II) affect the dissolution rate of ASi. A series 
of batch reactor experiments were conducted by adding variable amounts of aqueous Fe(II) to ASi 
suspensions under anoxic conditions. Fitting of the adsorption data of Fe(II) with a constant 
capacitance model indicates that Fe(II) adsorbs mainly via the formation of bidentate complexes 
at the surface of ASi. In addition, our results suggest that increasing concentrations of Fe(II) 
adsorbed to Q2 groups (i.e., surface silicate groups bonded to the silica lattice via two bridging 
oxygens) inhibit ASi dissolution, likely by stabilizing the Q2 sites. However, after reaching a 
maximum inhibition effect, further increasing the Fe(II) concentration actually slightly accelerates 
the dissolution rate. We interpret the opposing effects on ASi dissolution kinetics by additional 
binding of Fe(II) to Q3 groups (i.e., silicate groups bonded to the silica lattice via three bridging 
oxygens). The latter sites have a lower affinity for Fe(II) and, therefore, only become abundant at 
the highest aqueous Fe(II) concentrations. In contrast to the Q2 groups, however, the detachment 
of Q3 surface sites appears to be catalyzed by the binding of Fe(II). 
3.2 Introduction 
As amorphous silica (ASi) is one of the dominant reactive particulate Si endmembers in sediments, 
the dissolution of ASi exerts a strong influence on the magnitude of DSi internal loading and 
therefore the availability of DSi for siliceous phytoplankton in the water column. Although studies 
on this topic are limited, oxygen conditions have been shown to affect the dissolution rate of ASi 
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(Bauerfeind and von Bodungen, 2006; Holstein and Hensen, 2010; Lehtimaki et al., 2016), whose 
mechanisms, however, remain unclear. A change in oxygen conditions in sediments may be 
accompanied by changes in pH, reactive oxygen species, and redox transformation of redox 
sensitive elements such as iron (Fe). Redox potential and pH are usually negatively related (Grybos 
et al., 2009; Parsons, 2017): the production of CO2 and the consumption of OH- under oxic 
conditions can result in the decrease of pH. Previous studies have shown that the logarithm of ASi 
dissolution rate constants increase linearly with pH, and even a small change of pH at near neutral 
range can have a significant effect on ASi dissolution rates (Dove and Elston, 1992; Fraysse et al., 
2009; Lewin, 1961; Loucaides et al., 2008). Additionally, the production of reactive oxygen 
species, such as hydroxyl free radicals, during redox reactions may lower the energy barrier of 
activated complexes (Konecny, 2001). This mechanism was posited based on model calculation, 
but has not been confirmed by experimental results. Oxygen conditions have also been shown to 
affect the dissolution of ASi due to changes in the composition of the microbial community 
controlling the degradation of the organic protective coating surrounding ASi (Bauerfeind and von 
Bodungen, 2006; Holstein and Hensen, 2010; Lehtimaki et al., 2016), which are beyond the scope 
of this study focused on the surface chemistry of ASi. 
Dissolved ferrous iron (Fe(II) produced by the reductive dissolution of Fe(III) oxyhydroxides 
under anoxic conditions can adsorb to the ASi surface (Milonjic et al., 2006), which may 
consequently affect the dissolution rate of ASi under different oxygen conditions. However, the 
effects of Fe(II) on ASi dissolution are still under debate (Costine and Thurgate, 2007; Iler, 1979a; 
Mayer et al., 1991; Morris and Fletcher, 1987). Fe(II) has been shown to retard the dissolution of 
ASi probably by forming a coating of insoluble silicates (Lewin, 1961), while the change from 
anoxic to oxic conditions in the presence of Fe(II) has been shown to accelerate quartz dissolution 
by increasing its solubility (Morris and Fletcher, 1987). A thorough study is therefore required to 
better understand the mechanisms influencing ASi dissolution during Fe(II) adsorption under 
anoxic conditions, and to better understand the pathways and magnitudes of Fe and Si released as 
a result of these interactions.  
Herein, I used a series of batch laboratory experiments to study the effects of Fe(II) adsorption on 
ASi dissolution kinetics at constant pH by systematically varying Fe(II) concentrations in solution. 
I coupled these experiments with a surface reaction model to represent and provide insight into 
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potential interactions between the ASi surface and aqueous Fe(II) and their impacts on the ASi 
dissolution rate constant.  
3.3 Materials and Methods 
3.3.1 Materials 
A synthetic form of pure ASi Aerosil OX 50 (Evonik) was chosen for this study due to its 
availability as a commercial product. Further, Aerosil OX 50 is characterized as having no 
significant microporosity. This makes it an ideal material for the study of surface reactivity, as it 
has been shown in Chapter 2 that micropores in ASi can limit the accessibility of surface sites, 
which causes a deviation to the relationship between surface sites and rate constants. The 
physicochemical properties of Aerosil OX 50 were studied in Chapter 2, and are summarized in 
Table 3.1. 
 
Table 3.1. The physicochemical properties of Aerosil OX 50.  
Specific 







m2g-1 OH nm-2 F m-2   
50 2.25 1.3 -7.8 
1Measured by N2 BET method using a Gemini VII instrument; 2, 3 Charlet et al., 1993; Evonik 
Industries AG, 2015; Zhuravlev, 1987; 4 Derived from constant capacitance model fit in this study, 
using initial values sorted from previous studies (Dixit and Van Cappellen, 2002; Fraysse et al., 





All solutions used were prepared with analytical grade reagents and 18.2 MΩ cm-1 (Millipore) 
unless otherwise stated. The pH values of solution and suspension were measured with Orion 
Versa Star electrochemistry meter (Thermo Scientific) equipped with a pH probe that was 
calibrated against pH 4.0, 7.0, and 10.0 standard buffer prior to each use. Samples were filtered 
with 0.2 µm pore-size polypropylene syringe filters, acidified with trace-metal hydrochloric acid 
to pH < 2, and analyzed with Inductively Coupled Plasma-Optical Emission Spectrophotometry 
(ICP-OES, Thermo Scientific iCAP 6300) for the concentration of total DSi and Fe with the US 
EPA Method 200.7 (U.S. EPA., 1994). Matrix-matched standards were prepared from Fisher 
Scientific stock standards (Thermo Fisher Scientific) to eliminate the interference of matrix. 
Reference samples prepared with multi element standards (Delta Scientific Laboratory Products 
Ltd.) were analyzed along with all samples for quality control. Fe(II) concentration was determined 
by the ferrozine method (Viollier et al., 2000). The precision of reference samples measurement 
across sample run was better than 10% and the relative standard deviation was well within 5%. 
3.3.2.1 Preliminary batch experiments 
A series of preliminary batch experiments combining ASi and Fe(II) in NaHCO3 background 
solution were conducted to test which aspects of the iron redox cycle would affect the dissolution 
of ASi in a pure system. Fenton’s reactions which occur naturally during iron cycling in sediments 
(White et al., 2003): 
𝐹𝑒2+ + 𝐻2𝑂2 → 𝐹𝑒
3+ + 𝐻𝑂 ∙ +𝑂𝐻− 
𝐹𝑒3+ + 𝐻2𝑂2 → 𝐹𝑒
2+ + 𝐻𝑂𝑂 ∙ +𝐻+ 
For each preliminary experiment, 10.0±0.2 mg of ASi, weighed using an analytical balance with 
a precision of 0.1 mg, was suspended into 10 mL of 10 mM NaH2CO3 solution that contained 
different initial H2O2 concentrations (0, 1, or 10 mM). Dissolved Fe(II), prepared from FeCl2 salt, 
was added to the NaHCO3 solution in experiments D-F (Table 3.2) to achieve a concentration of 
0.01 mM Fe(II). The Fe(II) solution was added either under oxic conditions before the addition of 
ASi (Exp. D-F, Table 3.2) or under anoxic conditions after the addition of ASi (Exp. G-I, Table 








Table 3.2. Structural design of preliminary experiments which target three different reaction 
pathways and mechanisms of DSi retention or release. The background starting solution for all 
experiment was 10 mM NaHCO3; Step 1 involves the addition of varying amounts of H2O2 to a 
10 mM NaHCO3 background solution; Steps 2 and 3 involve targeting different reaction pathways 
between Fe and amorphous silica (ASi), i.e., the dissolution of ASi in the presence of variable 
H2O2 concentration and in the absence of Fe(II) (A - C), the dissolution of ASi with varying H2O2 
and in the presence of Fe(III) oxyhydroxides formed by the oxidative precipitation of 0.1 mM 
Fe(II) (D - F), and the dissolution of ASi in the presence of variable H2O2 concentrations and in 







Step 1 Step 2 Step 3 
A The effect of H2O2 0 mM H2O2 
1 g L-1 ASi 0 mM Fe(II) B  1 mM H2O2 
C  10 mM H2O2 
D 
The effect of Fe-
oxyhydroxides 
0 mM H2O2 
0.01 mM Fe(II)  
in oxic solution 
1 g L-1 ASi E  1 mM H2O2 
F  10 mM H2O2 
G The effect of Fe(II)  0 mM H2O2 





H  1 mM H2O2 




shaker at 30 rpm (Glass-Col, 099A RD4512) for 5 days. The temperature was maintained at 20±3 
C for the duration of the experiment. 10 mM NaHCO3 was used as a background electrolyte and 
pH to maintain a pH of 8.5±0.2 during the experiment. After 5 days, the suspensions were syringe 
filtered (0.45 µm pore-size polypropylene filters) for DSi analysis. All experiments were 
quadruplicated. 
3.3.2.2 The adsorption of Fe(II) on amorphous silica 
Following the preliminary experiments, the adsorption behavior of Fe(II) was studied across a 
range of pH. 1 g of ASi was suspended in 1 L of 10 mM NaCl background solution. The 
suspensions were continuously stirred for 1 day at 25±1°C for equilibration. After being sparged 
with N2 gas for 3 hours, the suspension was transferred to the anaerobic chamber, where 0.2 mL 
of 100 mM FeCl2 stock solution was added to the suspension to give a final concentration of 20 
µM Fe(II). 100 mL of the suspensions were then separated into 120 mL glass serum bottles and 
adjusted to target pH values between 4.0 to 8.0 using concentrated NaOH and HCl. Relatively low 
Fe(II) concentration and low pH were used here to avoid the precipitation of ferrous hydroxide 
and ferrous silicates (Figure B.1), and concentrated acid/base was used to avoid excess volume 
and dilution effects. Before being brought out of the anaerobic chamber, serum bottles were sealed 
with butyl rubber stoppers and aluminum caps to eliminate O2 contamination. Duplicates were run 
to evaluate experimental reproducibility. After equilibrating at 25±1°C for 12 hours, the 
suspensions were returned to the anaerobic chamber, where 10 mL of samples were filtered with 
a 0.2 µm pore-size polypropylene membrane filters and acidified with 0.3 mL of 6 N HCl.  
3.3.2.3 Evaluating the effects of Fe(II) adsorption on the dissolution rate of amorphous silica 
A series of kinetic dissolution experiments were subsequently performed with larger batch reactors. 
1.00 g of ASi (weighed with an analytical balance) was suspended in a 100 mL solution of 10 mM 
NaCl and 10 mM HEPES (4-(2-hydroxyethyl)-1-piperazineethanesulfonic acid) adjusted to pH 
7.0±0.1 with NaOH and HCl. The suspension was kept at 25±1 °C and continuously stirred for 
three days. It was then de-oxygenated by vigorously sparging with N2 for at least 3 hours before 
being brought into an anaerobic chamber (atmospheric composition: 97-98% N2, 2-3% H2 and < 







Figure 3.1. Overall design of dissolution experiment. 1.00 g amorphous silica (Aerosil OX 50) was 
suspended into 100 mL oxic solution and the suspension was continuously stirred for three days. 
100 mM FeCl2 solution was added to the suspension to achieve Fe(II) concentrations of 0, 20, 200, 
500, 1000, 2000 µM Fe(II) in the anaerobic chamber. After equilibrating for 12 hours, the 
suspensions were diluted 10 times, i.e., 1.00 g ASi L-1 with 0, 2, 20, 50, 100, 200 µM Fe(II). The 
anoxic condition was maintained by sealing with rubber stoppers and aluminum caps to keep O2 
free. pH of the suspensions was maintained at 7.0±0.1 during the experiment. Temperature was 
kept at 25±1 °C. Samples from anoxic bottles were collected in the anaerobic chamber to avoid 
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In the anaerobic chamber, varying amounts of a 100 mM FeCl2 stock solution were added to ASi 
suspensions, to achieve Fe(II) concentrations of 0 µM, 20 µM, 200 µM, 500 µM, 1000 µM, and 
2000 µM. This resulted in approximate initial Fe(II) to total surface groups ratio of 0, 0.01, 0.1, 
0.25, 0.5 and 1 respectively. The total concentration of silanol (>SiOH) surface groups in the 
suspension was estimated to be 1868.8 µM based on the surface site density and surface area of 
Aerosil OX 50 (Table 3.1). 
By keeping the suspensions in the anaerobic chamber overnight, effects of surface adsorbed silicic 
acid (H4SiO4) on ASi dissolution kinetics were excluded. Additionally, the adsorption of Fe(II) on 
surface of ASi presumably reached equilibrium after 12 hours. To study the dissolution kinetics of 
ASi with adsorbed Fe(II), the suspensions were diluted to 1.00 g L-1 of ASi and then divided into 
a group of serum bottles. The anoxic condition was maintained by sealing the serum bottles with 
rubber stoppers and aluminum caps to keep the solution O2 free when removal from the anaerobic 
chamber. 
Duplicates of experimental conditions were conducted to evaluate experimental reproducibility. 
All serum bottles were kept in a dark environmental chamber at 25±1°C during incubation. 
Samples were collected at designated intervals (see Figure 3.5 for time intervals and duration) by 
using needles through the butyl rubber stoppers to achieve a concentration time series. Anoxic 
samples were collected in the anaerobic chamber. All samples were filtered with 0.2 µm pore-size 
polypropylene syringe filters, acidified with HCl, and then stored at 4 °C for the analysis of 
dissolved Si and Fe. The details of environmental design are shown in Figure 3.1. A series of 
control experiments without Fe(II) were also conducted. The release of DSi from the glass serum 
bottle in the control experiments was measured as background.  
3.4 Results 
3.4.1 Effect of Fenton’s reactions on ASi dissolution  
A series of preliminary experiments were performed to assess the effects of different aspects of 
the iron redox cycle on ASi dissolution by adding H2O2 and Fe(II) into suspension (Figure 3.2). In 







Figure 3.2. The effect of ferrous-ferric iron reactions on the dissolution of ASi. The x axis indicates 
the amount of H2O2 added into the ASi suspension; the y axis indicates the concentration of DSi 
after 5 days of dissolution. The data were collected after 5 days of dissolution at room temperature 
and in a 10 mM NaH2CO3 solution with a pH of 8.5. Boxes and whiskers in the figure show 
minimum, first quartile, median, third quartile, and maximum values of six groups of numbers (n 
= 4).  
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 initial ASi dissolved during the 5 days incubation. Similar levels of dissolution occurred at varying 
H2O2 concentrations. With the addition of Fe(II) to oxic solutions before the addition of ASi (Exp. 
D-F, Table 3.2, blue boxes in Figure 3.2), slightly less DSi (about 15%) was released than was 
observed in the absence of Fe(II). In contrast, the release of Si decreased substantially with the 
addition of Fe(II) to the ASi suspension (Exp. G-I, Table 3.2, red boxes in Figure 3.2). This resulted 
in dissolution of less than 10% of the initial ASi. 
3.4.2 Fe(II) adsorption on ASi 
3.4.2.1 Effect of pH  
The Fe(II) adsorption edge was determined by plotting the percentage of total dissolved Fe(II) 
removed from solution as a function of pH (Figure 3.3). The adsorption of Fe(II) did not show 
obvious pH dependence at low pH values (4.0 to 5.0), and only about 5% of the initial 20 µM Fe(II) 
was removed within this pH range. When pH was higher than 6.5, Fe(II) adsorption was highly 
pH dependent, and the fraction of Fe(II) adsorbed increased from 10% to nearly 100% within one 
pH unit (pH 6.5 to 7.5). 
3.4.2.2 Effect of Fe(II) concentration 
To mimic the broad range of conditions found in nature, a wide range of initial Fe(II) 
concentrations (0 to 2000 µM) were used in this study. After equilibrating experimental solutions 
(10 mM NaCl, 10 mM HEPES and varying Fe(II) concentration at pH 7.0±0.1) in an anaerobic 
chamber for 12 hours with a 1 g ASi per 100 mL solution, the suspensions were diluted to 1 g ASi 
per litre (thus diluting the initial Fe(II) concentrations to a range of 0 to 200 µM). By doing this, 
adsorption process was separated from the dissolution kinetics of ASi with adsorbed Fe(II). The 
amount of Fe(II) adsorbed increased with increasing initial Fe(II) concentration (Figure 3.4). As 
dissolved Fe(II) did not decrease over time during the dissolution experiment, the adsorption data 
with different initial Fe(II) concentrations at pH 7.0±0.1 were used to validate the results from 




Figure 3.3. Fe(II) adsorption edge on Aerosil OX 50. The adsorption experiments were conducted 
by adding 20 µM Fe(II) into 1g L-1 of ASi suspension at 25±1 °C. Concentrated NaOH and HCl 
were used to adjusted pH, and the total volume changed by less than 1%. Black squares represent 
the average values of duplicate experiments (difference between duplicates is less than 3%). 
Dashed line is the result of a monodentate mononuclear surface complex reaction (Table 3.3), and 
solid line corresponds to a bidentate binuclear surface complex reaction (Table 3.3). 
 
Figure 3.4. Fe(II) adsorption data and model prediction at constant pH 7.0±0.1 and constant silica 
suspension concentration (1 g L-1 Aerosil OX 50) for varying initial Fe(II) concentrations (n = 6). 
The dashed and solid lines are the result of monodentate and bidentate model predictions.  
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3.4.2.3 Surface complexation model 
The constant capacitance model (CCM) was used to interpret the Fe(II) adsorption data at different 
pH values. Aerosil OX 50 was assumed to contain one type of amphoteric surface site which had 
a 1:1 stoichiometric ratio of Si and OH. Fe(II) can be adsorbed by forming monodentate 
mononuclear and/or bidentate binuclear surface complexes: 
 > SiOH + 𝐹𝑒2+ ↔> SiOF𝑒+ + 𝐻+ (3.1) 
 > SiOH + 𝐹𝑒2+ + 𝐻2O ↔> SiOFeOH + 2𝐻
+ (3.2) 
 (> SiOH)2 + 𝐹𝑒
2+ ↔ (> SiO)2Fe + 2𝐻
+ (3.3) 
where >SiOH denotes a surface site on silica, (>SiOH)2 denotes a bidentate surface site that is the 
combination of two specific surface sites (Wang and Giammar, 2013). The experimentally 
observed proton stoichiometry factor for Fe(II) adsorption was 1.9 which was close to that of other 
divalent metal ions (Kosmulski, 2000). Therefore, Fe(II) adsorption data was interpreted primarily 
as a result of Reaction (3.2) or (3.3).  
The deprotonation constant of monodentate surface sites were obtained by fitting potentiometric 
titration data (i.e., in the absence of specifically adsorbed ions) of Aerosil OX 50 to the CCM (see 
more details in Chapter 2). With a surface site density of silanol groups of 2.25 >SiOH nm-2 and a 
specific capacitance of 1.3 F m-2, the deprotonation constant for Aerosil OX 50 is 7.7 (Table 3.1). 
These parameters were used as input to a computer program Visual MINTEQ (Gustafsson, 2000) 
for Fe(II) adsorption equilibrium constants optimization with the CCM. The concentration of 
available silanol groups on the surface of 1g L-1 Aerosil OX 50 for Fe(II) adsorption is 186.9 µM. 
The best model fit yielded a value for the Fe(II) adsorption intrinsic equilibrium constant (-log K) 
of 9.83 ± 0.10. Solving Reaction (3.3) to determine the equilibrium constant of Fe adsorption 
requires the concentration of bidentate sites. Since bidentate sites are the combination of two 
adjacent surface sites that can react with Fe(II) simultaneously, their initial concentration was 
assumed to be half of the total surface site concentration, i.e., 93.5 µM. This change to the initial 
surface sites concentration resulted in a revised dissociation constant of 7.2 for the first 
deprotonation of bidentate surface sites. Consequently, the best model fit yielded a value of Fe(II) 

















squares µM µM 
1 Monodentate 
mononuclear 
>SiOH + Fe2+ → >SiOFeOH + 2H+ 186.9 0 9.83 ± 0.10 45.38 
2 Bidentate 
binuclear 





The equilibrium constants obtained from fitting Reaction (3.2) and Reaction (3.3) to Fe(II) sorption 
to Aerosil OX 50 were used to predict the adsorption of Fe(II) at different initial concentrations. 
Considering only monodentate mononuclear surface complexes (Reaction (3.2), Figure 3.4), with 
an intrinsic equilibrium constant of 9.83, the model was able to adequately reproduce the 
experimental Fe(II) adsorption data as a function of the initial Fe(II) concentration (Figure 3.4). 
Considering only bidentate binuclear surface complexes (Reaction (3.3), Figure 3.3), the model 
failed to reproduce the experimental Fe adsorption data at high initial Fe(II) concentration (200 
µM), although the reproducibility at low initial Fe(II) was good (between 0 and 100 µM) (Figure 
3.4). 
CCM simulations that incorporate a combination of surface Reaction (3.1) and either Reaction 
(3.2) or (3.3) were also considered to fit Fe(II) adsorption data. A simulation combining Reactions 
(3.1) and (3.2), which considers the pH dependence of Fe(II) speciation (e.g., Fe(II) vs Fe(OH)+), 
successfully reproduced the adsorption edge. However, these two reactions effectively described 
the same monodentate mononuclear adsorption mechanism and incorporating them both increased 
the complexity of the model. The combination of Reactions (3.1) and (3.3) however described 
different mechanisms of Fe(II) adsorption. As the relative abundance of available monodentate 
and bidentate sites could not readily be quantified, different ratios of [>SiOH] and [(>SiOH)2] 
were assigned and tested. Varying the relative abundance of monodentate vs bidentate sites did 
not obviously improve the quality of the model fit. Therefore, in this study, Fe(II) was assumed to 
be adsorbed either by monodentate mononuclear (Reaction (3.2)) or bidentate binuclear surface 
complexes (Reaction (3.3)) on the surface of ASi in this study. 
3.4.3 Effect of Fe(II) adsorption on ASi dissolution kinetics 
3.4.3.1 Dissolution rate constants of ASi with varying initial Fe(II) 
The effects of varying Fe(II) concentrations on ASi dissolution kinetics under anoxic conditions 
are shown in Figure 3.5. Although the kinetics of ASi dissolution after 2000 hours were not 
recorded, data points collected six months later showed that the solubility of ASi decreased with 
increasing Fe(II) (Table B.1). Specifically, trace Fe(II) (less than 2 µM) did not affect the solubility 
of ASi, which is in consistent with a previous study (Iler, 1979a). The solubility decreased from 








Figure 3.5. The effect of varying initial Fe(II) concentrations on the dissolution kinetics of Aerosil 
OX 50 under anoxic conditions. The dissolution experiments were conducted by suspending 1.0 g 
ASi in 1 L solution of varying concentration of initial Fe(II) at pH 7.0±0.1 and 25±1 °C. Anoxic 
conditions were created by vigorously sparging with N2 for at least 3 hours and maintained by 




To quantify the inhibition effect of Fe(II) on ASi dissolution kinetics, the first-order kinetic law 
was used to quantify the rate constant. As is shown in Figure 3.6, the effect of Fe(II) on the 
dissolution rate could be categorized into two stages. The rate constant showed a sharp decrease 
with increasing initial Fe(II) concentration until the inhibition effect reached its maximum at 50 
µM initial Fe(II). Above 50 µM of initial Fe(II), the dissolution rate constant increased slightly 
between 50 and 200 µM. Therefore, the greatest effect on the dissolution rate constant for ASi 
occurred at 50 µM initial Fe(II), where the rate constant reached 0.05 µmol m-2 h-1. This was less 
than one third of the value obtained in the control solution (without the addition of Fe(II)) at pH 
7.0±0.1 (0.17 µmol m-2 h-1). 
3.4.3.2 Surface reaction model 
To interpret the inhibition effects of Fe(II) on the dissolution kinetics of ASi, I firstly tried to use 
a surface reaction model that accounted for the concentration and species composition of surface 
sites. Both monodentate mononuclear and bidentate binuclear surface complexes were tested. The 
results of bidentate binuclear were specified below: 
 𝑘 = 𝑘0 ∙ 𝜃>𝑆𝑖𝑂𝐻 + 𝑘1 ∙ (𝜃>𝑆𝑖𝑂−)
𝑛 + 𝑘′ ∙ (𝜃(>𝑆𝑖𝑂)2𝐹𝑒)
𝑎 (3.4) 
where θ>SiOi is the fraction of surface species, k is the dissolution rate constant (µmol m2 h-1), k0 
and k1 are rate constants of different surface species that have the same unit as k, n is the order of 
hydroxyl-promoted dissolution reaction, k’ is the rate constants of Fe(II)-adsorbed surface sites 
that have the same unit as k (µmol m2 h-1), and a is the order of the Fe-affected dissolution reaction. 
Values of k0 (0.04±0.01), k1(3.44±0.37), and n (1.28±0.07) have been obtained in Chapter 2. The 
relative abundance of different surface species at pH 7.0±0.1 with varying initial Fe(II) 
concentrations was predicted using the CCM. The percentage of (>SiO)2Fe surface complexes 
increased with increasing initial Fe(II) concentration (Figure 3.6, small panel). Equation (3.4) was 
fitted to experimental rate constant data (Figure 3.6) to estimate the unknown parameters k’ and a 
(with the assumption that k’ and a should not be negative). However, surface reaction model using 
Equation (3.4) and the surface species composition shown in Figure 3.6 predicts much higher rate 
constants than those calculated for the experimental data, regardless of how small k’ is (the dashed 









Figure 3.6. The dissolution rate constant of Aerosil OX 50 (ASi) in the presence of variable initial 




), where R is the reaction rate (µmol m-2 h-1), C is the concentration of DSi (µmol L-1), 
Ceq is the solubility of the reacting amorphous silica sample (µmol L-1), and k is the reaction rate 
constant scaled by the specific surface area of ASi (µmol m-2 h-1). Squares represent the results of 
duplicate experiments; and the dashed line corresponds to rate constants predicted by the surface 
reaction model (Equation (3.4)) with a minimum k’ value of 0. The inset panel (top right) shows 
the distribution of Aerosil OX 50 surface species at pH 7.0±0.1 with varying initial Fe(II) 
concentrations.   
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3.4.3.3 Langmuir adsorption model 
The poor fit of surface reaction model to the dissolution rate constants data of ASi in the presence 
of Fe(II) led to the assumption that the geometric coordinative arrangement of surface groups, 
other than concentration and species distribution of surface groups, also affect the dissolution rate 
of ASi. The inhibition effect of Fe(II) was then described by a Langmuir adsorption model that 
was presented by Christoffersen and Christoffersen (Christoffersen and Christoffersen, 1981, 
1984) and has been widely used (Koutsopoulos and Dalas, 2000; Takasaki et al., 1994; Van 
Cappellen and Berner, 1991). The overall dissolution rate constant was assumed to be the sum of 
the rate constants of free Q2 groups (germinal silanols that are bonded to the silica lattice via two 
bridging oxygens) and Fe(II) adsorbed Q3 groups (isolated silanols that are bonded to the silica 
lattice via three bridging oxygens): 
 𝑘 = 𝑘2 ∙ 𝑥𝑄2
𝑓𝑟𝑒𝑒
+ 𝑘3 ∙ 𝑥𝑄3
𝑎𝑑𝑠 (3.5) 
where k is the rate constant observed (µmol m2 h-1), k2 and k3 are rate constants of active surface 
Q2 and Q3 groups that have the same unit as k, xQ2free is the fraction of Q2 group that is not occupied 















1 + 𝐾3 ∙ [𝐹𝑒𝐼𝐼]
 
(3.5b) 
K2 and K3 are the Langmuir adsorption constants of Q2 and Q3 groups and, [Fe(II)] is the 
concentration of dissolved Fe(II) remaining. In the absence of Fe(II), the fraction of free Q2 groups 
was therefore 1, and the fraction of Fe(II) adsorbed Q3 groups was 0, therefore k = k2 = 0.17. 
The inhibition effect of Fe(II) on ASi dissolution was classified into two stages (Figure 3.7). When 
initial Fe(II) concentration was low (lower than 50 µM), detachment of Q2 groups dominated the 
dissolution process. The dissolution rate constant in this case was approximated by: 
 𝑘 = 𝑘2 ∙ (1 −
𝐾2 ∙ [𝐹𝑒
𝐼𝐼]
1 + 𝐾2 ∙ [𝐹𝑒𝐼𝐼]
) (3.5c) 






= 1 + 𝐾2 ∙ [𝐹𝑒
𝐼𝐼] (3.5d) 
Equation (3.5d) demonstrated that the ratio of k2/k is linearly dependent on the concentration of 
Fe(II), and slope of this linear relationship is K2 = 0.22 ± 0.01. With the known values of k2 and 
K2, the dissolution rate constant of Q2 groups in the presence of different amounts of Fe(II) (the 
first term on the right side of Equation (3.5)) was able to be quantified.  
When initial Fe(II) concentration was high (higher than 50 µM), fewer free Q2 sites were available 
for further sorption and therefore the contribution of Fe(II)-catalyzed detachment of Q3 groups to 
the overall dissolution rate became increasingly important. Therefore, the dissolution rate constant 
was calculated using: 





1 + 𝐾3 ∙ [𝐹𝑒𝐼𝐼]
 (3.5e) 
The first term on the right hand of Equation (3.5e, (k2)) is known. The unknown parameters k3 and 
K3 were obtained by least square fitting of experimental data to Equation (3.5e). Following this 
approach, the values of k3 and K3 were determined to be 0.11 ± 0.06 µmol m2 h-1 and 0.01 ± 0.01, 
respectively. 
The concentrations of dissolved Fe(II) remaining in solution were predicted using the CCM 
assuming bidentate sorption (Reaction (3.3), and the values of k2, k3, K2, and K3 were obtained by 
fitting experimental data with a Langmuir adsorption model. Therefore, the fraction of free Q2 
groups and Fe(II) adsorbed Q3 groups was able to be predicted with Equations (3.5a) and (3.5b). 
With the increase of initial Fe(II) concentration from 0 to 20 µM, the fraction of free Q2 group 
xQ2free decreased from 100% to 40.5% and the fraction of Fe(II) adsorbed Q3 groups increased from 
0 to 7.7%. The contribution of the enhanced detachment of Q3 groups to the overall rate constant 
was therefore minor, and the drastic decrease of the dissolution rate constant at low initial Fe(II) 
(Figure 3.8, initial Fe(II) lower than 50 µM) was attributed to the stabilization of Q2 groups by the 
preferential adsorption of Fe(II). When the initial Fe(II) concentration increased to 50 µM, the 
fraction of free Q2 groups and Fe(II) adsorbed Q3 groups were 19.1% and 19.5% respectively, 
corresponding to the minimum rate constant illustrated in Figure 3.8. With the increase of initial 
Fe(II) concentration from 50 to 200 µM, the fraction of free Q2 groups decreased to 3.9% and that 
of Fe(II) adsorbed Q3 groups increased to 58.0%. The dissolution of Fe(II) adsorbed Q3 groups 
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therefore dominates the release of DSi, and the combination of these two mechanisms leads to the 
slight increase of the rate constant at high initial Fe(II) shown in Figure 3.8. Thus, Equation (3.5), 
a Langmuir adsorption model, effectively predicted the effect of changing initial Fe(II) 
concentrations on the dissolution rate constant of ASi at pH 7.0±0.1 (Figure 3.8). 
3.5 Discussion  
3.5.1 Effect of Fenton’s reactions on ASi dissolution  
Hydroxyl free radicals produced by the Fe-catalyzed decomposition of H2O2 (Fenton’s reactions) 
have been suggested to enhance the dissolution of silica by lowering the energy barrier (Konecny, 
2001). However, enhancement of ASi dissolution was not observed in this experiment. One 
possible reason is that the pH of the NaHCO3 buffered solution is sufficiently high (8.5) such that 
Fe (III) precipitated as iron oxyhydroxides, preventing the persistent production of hydroxyl free 
radicals that can diffuse into the bulk solution (Kwan and Voelker, 2002). In this case, only 0.01 
mM hydroxyl free radicals are produced stoichiometrically. Hydroxyl free radicals are so active 
that they may be consumed by other redox active elements, notably Fe on solid surfaces, which 
means the amounts of free radicals that could actually react with ASi may be too small to generate 
an observable effect on ASi dissolution. 
The much lower DSi concentration in ASi suspensions with the addition of Fe(II) (Exp. G-I, Table 
3.2, grey boxes in Figure 3.2) could be due to: (1) adsorption of DSi to Fe(III) oxyhydroxides, (2) 
the precipitation of Fe and Si, including coprecipitates and precipitation of Fe silicate (Cismasu et 
al., 2014; Dyer et al., 2010; Jones et al., 2009; Kaegi et al., 2010; Wolthoorn et al., 2004), and/or 
(3) the formation of surface complexes and surface precipitates of Fe on ASi (Lewin, 1961; 
Milonjic et al., 2006; Morris and Fletcher, 1987). Adsorption of DSi to ferric oxyhydroxides has 
been widely reported (Hansen et al., 1994; Mortimer, 1941; Ridenour, 2017). However, with such 
low Fe(II) concentration of 0.01 mM used here, adsorption can account for 0.2% of the decrease 
assuming that 60% of Fe atoms form surface sites (Hiemstra, 2013) and trimeric silicate complexes 
form between two surface sites (Swedlund et al., 2010). The precipitation process, however, would 
rapidly lower DSi concentration in aqueous, thus promoting further released of DSi from ASi 
surfaces by increasing the degree of undersaturation of the solution with respect to ASi. This, as a 
result, lead us to the last plausible mechanism that trace amount of dissolved Fe exist in the 
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suspension may adsorb on the surface of ASi and prevent the attack of water, which would inhibit 
further dissolution of ASi.  
3.5.2 Mechanisms of Fe(II) adsorption to Aerosil OX 50  
Before studying their effects on the dissolution kinetics, the mechanism of Fe(II) adsorption to ASi 
need to be addressed. Although few studies focus on the adsorption of Fe(II) to ASi, one existing 
study (Milonjic et al., 2006) showed similar adsorption edge: about 7% of initial Fe(II) was 
removed at pH lower than 6.0 and the percentage adsorbed was independent of pH in this low pH 
range. The surface site density of ASi used in their study, however, is not known, and the 
adsorption edges they report are not comparable with the results in this study. The adsorption of 
other metal cations (Dixit and Van Cappellen, 2002; Osthols, 1995) have also been shown to 
deviate from model predictions at low pH. According to previous studies, this could be due to the 
existence of strong-binding surface species which are not pH sensitive (Nano and Strathmann, 
2006; Tonkin et al., 2004).  
Since the experimentally observed proton stoichiometry factor for Fe(II) adsorption on ASi was 
slightly smaller than 2 (1.9), Fe(II) is likely to adsorb to ASi by forming monodentate mononuclear 
complexes (Reaction (3.2)) or bidentate binuclear complexes (Reaction (3.3)). This is again 
supported by the good fit of CCM and measured data except for those at low pH values (Figure 
3.3). 
The CCM that considered only monodentate mononuclear surface complexes (Reaction (3.2), 
Figure 3.3) reproduced the adsorption data at different Fe(II) initial concentrations better than 
which considered only bidentate binuclear surface complexes (Reaction (3.3), Figure 3.3). 
However, this cannot lead to the conclusion that Reaction (3.2) describes the mechanisms of Fe(II) 
adsorption. According to the solubility diagram given by Tosca et al. (2016), the equilibrium 
constant of ferrous silicate identified as greenalite, is 27.6 at 25±1 °C, which indicates that ferrous 
silicate precipitation is not thermodynamically favorable at pH 7.0±0.1 below Fe(II) 
concentrations of 1600 µM with constant DSi concentration of 1500 µM. Thus, model predictions 
which assume that Fe(II) is only removed by forming surface complexes with ASi should 
reproduce most of the experimental adsorption data shown in Figure 3.4. However, the 
experimental incubation with an initial Fe(II) concentration of 200 µM, was diluted from an initial 
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solution with an Fe(II) concentration of 2000 µM, indicated that the formation of greenalite was 
thermodynamically favorable in this case. Therefore, the discrepancy between bidentate model 
prediction and experimental data (Figure 3.3) is likely due to the precipitation of greenalite, which 
is not considered by the surface complexation model, and not due to a failure of the model to 
adequately describe the surface complexation model. Although the bidentate model prediction fails 
to reproduce the experimental sorption results at 200 µM (Figure 3.4), Fe(II) is more likely 
adsorbed by forming bidentate binuclear surface complexes on ASi surface (Reaction 3.3). 
3.5.3 Effect of Fe(II) adsorption on ASi dissolution kinetics 
It is clear from the observed data that Fe(II) does inhibit the release of DSi under anoxic conditions 
(Figure 3.5). This inhibition seems mainly due to the formation of Fe(II) complexes on silanol 
surface groups, as supported by the good surface complexation model fits at low initial Fe(II) 
concentrations shown in Figure 3.4, rather than the retention of DSi in fresh iron silicate 
precipitates. The surface reaction model based on the formation of bidentate binuclear surface 
complexes, described with Reaction (3.3), cannot reproduce the experimentally observed decrease 
in the ASi dissolution rate constant caused by such small amounts of Fe(II) adsorbing to the ASi 
surface (Figure 3.6). This leads to the assumption that the geometric coordinative arrangement of 
surface groups affects the dissolution kinetics of ASi, in addition to concentration and charge. 
Germinal silanols (Q2 groups) and isolated silanols (Q3 groups) bonded to the silica lattice via two 
and three bridging oxygens, respectively, are the dominant surface groups on ASi (Figure 3.5). 
Previous studies have shown that Q2 groups are more reactive, and the detachment of Q2 groups 
thus determines the dissolution rate of ASi in the absence of Fe(II) (Dove and Crerar, 1990; Dove 
et al., 2008; Dove et al., 2005; Hiemstra and Van Riemsdijk, 1990).  
However, in the presence of adsorbed Fe(II), the reactivity of surface groups may be changed by 
Fe(II) adsorption. The adsorption of Fe(II) can neutralize the surface charge produced by 
deprotonation of silanol groups, decreasing the probability of water attachment, and thus 
discouraging dissolution. On the other hand, Fe(II) may weaken the bridging Si-O bonds as other 
cations do (e.g., Na+, K+, Ca2+) (Dove and Nix, 1997), which can lower the energy required for the 
detachment of surface SiO4 tetrahedra, enhancing dissolution. A multi-site complexation model 








Figure 3.7. Illustration of amorphous silica showing different surface species in the presence of Fe. 
Si atoms are shown in grey, O in red, H in white and Fe in orange. Si1corresponds to a free doubly 
coordinated surface site (free Q2 group); Si2 corresponds to a free triply coordinated surface site 
(free Q3 group); Si3 corresponds to a Q2 group that is occupied by Fe(II) forming a bidentate 
mononuclear surface complex; and Si4 and Si5 correspond to two Q3 groups that are both occupied 
by Fe(II) forming a bidentate binuclear surface complex. Balls represent surface atoms; sticks 




Fe(II) was used to quantitatively understand the influence of these two opposing effects on ASi 
dissolution rate. This multi-site complexation model requires initial concentrations of Q2 and Q3 
groups. Although there are many studies on the distribution of Q2 and Q3 groups on ASi (Evonik 
Industries AG, 2015; Liu and Maciel, 1996; Lutz et al., 2009), the densities of Q2 and Q3 are 
unknown because they will change during dissolution. For example, the detachment of Q2 groups 
(Si1) in Figure 3.7 can lead to the production of two Q3 groups. Therefore, traditional surface 
complexation models cannot be used to explain the effect of Fe(II) on the reactivity of surface 
sites. 
The agreement between the rate constants derived experimentally and those predicted by the 
Langmuir adsorption model (Figure 3.8) suggests that Fe(II) is preferentially adsorbed to Q2 
groups. The adsorption of Fe(II) also has opposing effects on the reactivity of Q2 and Q3 groups. 
The dominance of the inhibition effect of Fe(II) on ASi dissolution is the result of the protective 
effect of Fe(II) adsorbed to Q2 groups. But the catalytic effect of Fe(II) adsorbed to Q3 groups 
becomes increasingly important with increasing Fe(II) concentration. The opposing effects of Fe(II) 
on the reactivity of surface groups provide a new mechanistic understanding that couples the Si 
and Fe cycles in nature (Ingall et al., 2013). However, the microscopic interactions that control the 
surface groups’ reactivity require further study. For example, insight into how the adsorption of 
Fe(II) on Q2 and Q3 groups affects the electron distribution of their center Si atoms would be useful 
to more completely understand the nature of these interactions.  
The inhibition effects of Fe(II) on the dissolution of quartz and biogenic ASi have been recognised 
and examined in previous studies (Lewin, 1961; Morris and Fletcher, 1987). In these studies, the 
inhibition of ASi dissolution is attributed to the formation of an Fe(II) surface complex. The results 
presented in this study, for the first time, show that the inhibition effect of Fe(II) on ASi dissolution 
does not increase continuously with increasing dissolved Fe(II) concentration. This is contrast to 
Al3+ (Iler, 1973; Koning et al., 2007), because Fe(II) does not substitute for Si in silica tetrahedra 







Figure 3.8. The effect of Fe(II) concentration on the dissolution rate constant of Aerosil OX 50. 
The rate constants were calculated using the first-order kinetic law: 𝑅 = 𝑘 ∙ (1 −
𝐶
𝐶𝑒𝑞
), where R is 
the reaction rate (µmol m-2 h-1), C is the concentration of DSi (µmol L-1), Ceq is the solubility of 
the reacting amorphous silica sample (µmol L-1), and k is the reaction rate constant scaled by the 
specific surface area of ASi (µmol m-2 h-1). The solid line is the overall rate constant predicted with 
Equation (3.5), the dashed line is the predicted rate constant of free Q2 groups (free Q2 groups 
decrease in abundance with increasing Fe(II) concentration), and the dash-dotted line is the 
predicted rate constant of Fe(II) Q3 groups occupied by Fe(II).  
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Other than the initial concentrations, many other factors can affect the inhibition effect of Fe(II) 
on ASi dissolution. For example, pH, fixed at 7.0±0.1 in this study, determines the dominant 
species of both aqueous Fe(II) and surface silanol species. Therefore, variation in pH could affect 
the affinity of Fe(II) to surface groups. The pH dependence of the Aerosil OX 50 dissolution rate 
was studied in Chapter 2, from which k2 at different pH values can be deduced. The Fe(II) 
adsorption intrinsic equilibrium constant obtained in this study can be used as an input parameter 
to the CCM to predict the concentration of dissolved Fe(II) at different pHs. K2 and K3 at different 
pH values can be easily quantified with mass law equations that incorporate the concentration of 
free H+. A quantitative relationship between pH and k3 is required to used Equation (3.5) to predict 
the pH dependence of the Fe(II) inhibition effect on ASi dissolution.  
3.6 Conclusions 
By adding a variable amount of Fe(II) to anoxic amorphous silica (ASi) suspensions and 
conducting kinetic dissolution experiments under anoxic conditions, the effects of Fe(II) 
adsorption on the dissolution rate of ASi were assessed. Observed experimental data show that the 
presence of Fe(II) under anoxic conditions inhibits the dissolution kinetics of ASi. By combining 
with different models, the results suggest that Fe(II) is adsorbed to ASi by forming bidentate 
surface complexes, and shows distinct affinity to different of surface groups. Fe(II) is preferentially 
adsorbed by Q2 groups (i.e., silicate groups bonded to the silica lattice via two bridging oxygens) 
of ASi, which lead to the stabilization Q2 groups. Although Q3 groups (i.e., silicate groups bonded 
to the silica lattice via two bridging oxygens) have a much lower affinity to Fe(II), their detachment 
is catalyzed by the adsorption of Fe(II). The contradictory effects of Fe(II) lead to which enhances 
the dissolution of ASi after the maximum inhibition point. In combination with earlier work in 
Chapter 2, ours results suggest that, in addition to ASi surface groups’ concentrations, charge and 
accessibility, their coordinative arrangement is an important control on ASi dissolution kinetics in 
the presence of complexation agent Fe(II).  
This study demonstrates that Fe(II) adsorption has contradictory effects on the reactivity of surface 
Q2 and Q3 groups, which is a new mechanism that couples the Fe and Si cycles in nature. This 
interaction between Fe(II) and ASi, which are both abundant in freshwater sediments, has 
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implications for understanding and predicting the cycling of both species in sediments, sediment 
porewaters, and the overlying water column.    
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Chapter 4                                                                                              
Co-precipitation of iron and silicon: Reaction kinetics, elemental 
ratios and the influence of phosphorus 
4.1 Summary 
Oxidative precipitation of Fe(II) at oxic-anoxic interfaces may contribute to the immobilization of 
dissolved silicon (DSi). The efficiency of DSi immobilization, however, depends on solution 
variables, in particular pH and the presence and abundance of dissolved phosphate (DP). To 
investigate the behavior of DSi during Fe(II) oxidation, anoxic solutions containing mixtures of 
aqueous Fe(II),DSi, and DP were exposed to dissolved oxygen (O2) in both batch and agarose 
column systems. In the batch experiments, O2 was added by sparging initially homogeneous 
solutions with air. In the agarose columns the top was left open to the atmosphere, thus allowing 
O2 to diffuse into the agarose gel and producing a downward moving oxidation front.  
In the batch reactor experiments, when DP was absent, the final Si:Fe molar ratio of the co-
precipitates ranged from 0.09 at pH 6.5 to 0.33 at pH 7.5. The pH effect is attributed to higher 
incorporation of DSi during faster oxidative precipitation of Fe(II) at higher pH. When DP was 
present in the initial solutions, the Si:Fe molar ratios of the resultant precipitates were much lower. 
The experimental data, combined with kinetic reaction modeling, show that DSi removal during 
Fe(II) oxidation occurs via two pathways: (1) co-precipitation with Fe(II) during the oxidation of 
Fe(II)-DSi complexes, and (2) subsequent adsorption to the newly formed Fe(III) oxyhydroxide 
phases. In the presence of DP, phosphate ions successfully outcompete silicate for complexation 
with aqueous Fe(II) and for sorption sites on the Fe(III) oxyhydroxides.  
In the column experiment, the Si:Fe molar ratio of the co-precipitates formed at pH 7 in the absence 
of DP was below 0.03. The limited Si incorporation reflects the slow, diffusion-limited Fe(II) 
oxidation rates, compared to the batch experiments.  A diffusion-reaction model yielded time- and 
depth-dependent pore water profiles of Fe(II), DSi and DP that were in general agreement with the 
observed distributions. Together, the experimental and modeling results indicate that DSi co-
precipitation with Fe(II) strongly depends on the Fe(II) oxidation rate. The diffusion-controlled 
Fe(II) oxidation rates in the column experiments more closely resemble the transport-reaction 
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regimes encountered in natural sediments and stratified water columns. In other words, the 
efficient co-precipitation of DSi observed in the batch experiments, particularly in the absence of 
DP, may not provide a good analog for most natural settings where oxidative Fe(II) precipitation 
occurs. 
4.2 Introduction 
The availability of dissolved silicon (DSi) relative to that of dissolved phosphate (DP) in aquatic 
systems regulates the phytoplankton community composition. A sufficient supply of DSi relative 
to DP decreases the likelihood of harmful algal blooms in eutrophic waters (Egge and Aksnes, 
1992; Makulla and Sommer, 1993; Officer and Ryther, 1980; Redfield et al., 1963). Internal fluxes 
of DSi from sediments to the overlying water (i.e., “internal DSi loading”) can be an important 
source of DSi to freshwater systems. Although data is sparse, internal DSi loading shows a 
dependence on redox conditions at many sites (Conley, 2002; Ekeroth et al., 2016; Mortimer, 1941; 
Ridenour, 2017). The reductive dissolution of Fe(III) oxyhydroxides, which have a high capacity 
to adsorb and/or incorporate a variety of anions including DSi and DP into their structures, is 
proposed to be the key process contributing to the increased DSi release during the transition from 
oxic to anoxic conditions (Kaegi et al., 2010; Mayer and Jarrell, 2000; Sung and Morgan, 1980; 
van der Grift et al., 2014; Voegelin et al., 2010).  
Fe(III) oxyhydroxides are ubiquitous in sediments and are characterized by their high surface areas 
and high affinity for DP adsorption, and are therefore often considered to control the availability 
of DP in natural waters (Gächter and Mülle, 2003; Gachter and Muller, 2003; Jensen et al., 1992; 
Mortimer, 1941; Parsons et al., 2017; Ridenour, 2017; Sabur, 2019; Zhang and Huang, 2007). 
Unlike DP, the affinity of DSi for sorption to Fe(III) oxyhydroxide surface sites is limited by its 
speciation as monomeric silicic acid (H4SiO4) at neutral pH, which has a low affinity for the 
surface sites (Davis et al., 2002; Hiemstra et al., 2007; Sabur, 2019). In addition to surface 
adsorption (Figure 4.1A), the co-precipitation of dissolved Fe(II) and DSi, which are both 
commonly found in high concentrations in anoxic porewater, is another mechanism of DSi 
retention in sediments (Figure 4.1B). The oxidation of Fe(II) in the absence of complexation agents 
proceeds along two reaction pathways simultaneously: homogeneous oxidation, which occurs in 
solution, and heterogeneous oxidation, which takes place on the surface of Fe(III) oxyhydroxides 
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(i.e. the autocatalytic oxidation of Fe (II) by surface adsorption) (Pham and Waite, 2008; Tamura 
et al., 1976; Wolthoorn et al., 2004). The rates of both Fe(II) oxidation pathways depend on pH 
and the dissolved oxygen (DO) concentration (Millero, 1985; Morgan and Lahav, 2007; Stumm 
and Morgan, 1996). The presence of DSi can also affect the rates of both oxidation pathways as 
well as the stability of the Fe(III) oxyhydroxides produced (Cismasu et al., 2014; Davis, 2000; 
Dyer et al., 2010; Jones et al., 2009; Kaegi et al., 2010; Voegelin et al., 2010; Wolthoorn et al., 
2004), which can affect the reactivity of the Fe(III) oxyhydroxides toward reductive dissolution 
(Sabur, 2019). However, a comprehensive understanding of the interactions between DSi and Fe(II) 
during the co-precipitation process is still lacking. 
Dissolved inorganic ions other than DSi can also influence Fe(II) oxidation rates (Buamah et al., 
2009; Kaegi et al., 2010; King, 1998; Kinsela et al., 2016; Mao et al., 2011; Mitra and Matthews, 
1985a; Tamura et al., 1976; Wolthoorn et al., 2004). For example, the presence of DP increases 
the homogeneous oxidation rate of Fe(II). The proposed mechanism for this enhancement effect is 
that aqueous complexes of DP and Fe(II) constitute the oxidation reaction species, and that these 
complexes are more reactive towards oxidation than free Fe2+ (Mao et al., 2011; Tamura et al., 
1976). At the same time, DP may retard the heterogeneous Fe(II) oxidation by competing with 
Fe(II) for adsorption to surface sites (Wolthoorn et al., 2004). Since the industrial revolution, large 
amounts of P have been loaded to water bodies by the use of P-containing fertilizers and detergents, 
which has led to substantial increases of P concentration in fresh waters (Filippelli, 2008). 
Although studies have shown that DP concentrations affect the precipitation rate of Fe and the 
properties of the precipitates (Mao et al., 2011; Tamura et al., 1976; Wolthoorn et al., 2004; Zhang 
and Huang, 2007), there are no studies that investigate how DP may compete with and influence 
the mobility of DSi in solution during the oxidative precipitation of Fe(II).  
While batch experiments are typically used to study the kinetics of the reactions such as Fe(II) 
oxidation (or ASi dissolution kinetics, as in Chapter 2 and 3 of this thesis), column experiments 
can be used to study the interactive effects of reaction and transport, including, in the case of this 
study, the transport of dissolved O2 (DO), dissolved Fe(II), DSi and DP. Sediment columns are 
typically used to study the interactions between reactions and transport processes and to best 
simulate the in situ conditions in natural sediments in the lab such that environmental conditions 








Figure 4.1. Illustration of surface adsorption and co-precipitation interactions. A. The oxidation 
and precipitation of Fe(III) oxyhydroxides and the subsequent adsorption of DSi and/or DP. B. 
The co-precipitation of Fe, Si and/or P during Fe(II) oxidation, DSi and/or DP can be incorporated 
by surface adsorption, lattice replacement (inclusion, also known as isomorphic substitutions, a 
previous study has shown that Si may not substitute for Fe in the goethite structure (Gomez et al., 
2011)), and adsorption inside (occlusion, also known as the imperfection in the crystal).  
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(Couture et al., 2010; Couture et al., 2016; Ridenour, 2017). However, the complex processes 
occurring in natural sediments, where more than one reactive particulate Si endmember may be 
contributing to DSi (im)mobilization, multiple geochemical interactions are occurring 
simultaneously, the effect of co-precipitation of Fe and Si on the (im)mobilization of DSi may not 
be distinguished. 
In this chapter, I use experimental data collected in batch and agarose column incubations coupled 
with chemical reaction modeling to investigate the interactions between DSi, dissolved Fe(II) and 
DP during oxygenation. I use the agarose columns to introduce and consider the role of diffusive 
transport of DO and the other chemical reactants and products, and to compare the results in the 
columns with those in the batch system. The chemical reaction model represents all of the relevant 
chemical interactions that would occur between DSi, DP, and dissolved Fe(II) during the transition 
from anoxic to oxic conditions. This chapter aims to use the coupled experimental and modeling 
approach to increase our understanding of these interactions and to demonstrate the ability to 




HEPES (4-(2-hydroxyethyl)-1-piperazineethanesulfonic acid, Fisher Scientific, useful pH range: 
6.8 to 8.2) and MOPS (3-(N-morpholino) propanesulfonic acid, Fisher Scientific, useful pH range: 
6.5 to 7.9) were used as pH buffer. 100 mM DP and DSi stock solutions were prepared with sodium 
phosphate monobasic (NaH2PO4, Sigma Aldrich, ≥ 99.0%) and sodium metasilicate 
(Na2SiO3.9H2O, Sigma Aldrich, ≥ 98.0%) respectively. 100 mM Fe(II) stock solution was 
prepared with ferrous chloride tetrahydrate (FeCl2. 4H2O, Sigma Aldrich, ≥ 99.0%) in an anaerobic 
chamber (atmospheric composition: 97-98% N2, 2-3% H2 and < 1 ppmv of O2) using 0.5 N HCl 
to avoid subsequent oxidation and precipitation. All solutions used were prepared with analytical 
grade reagents and 18.2 MΩ cm-1 (Millipore) unless otherwise stated. 
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4.3.2 Batch experiment   
To simulate the interaction of anoxic porewater mixing with oxic water at the sediment-water 
interface, co-precipitation experiments modified from Voegelin et al. (2010) were conducted in 2 
L Teflon batch reactors. 20 mM HEPES or MOPS in Milli-Q water was used as pH buffer, and pH 
was adjusted to the target value (6.5, 7.0, 7.5) with NaOH and HCl. After adding 10 mM NaCl as 
a background electrolyte, Na2SiO3 and NaH2PO4 stock solution were added into the solution to 
obtain an initial Si concentration of 300 M, and initial P concentrations of 0, 75, 150, and 300 
M. Humidified ultra-pure air (where CO2 is less than 0.5ppm) was continuously sparging for 
three hours before Fe(II) was added to avoid reactions involving bicarbonate. 4.5 mL of 100 mM 
Fe(II) stock was added to 1.5 L background solution to achieve an initial concentration of 300 M. 
Duplicate experiments were conducted, and the reactors were wrapped with aluminum foil to keep 
out light. During the experiment, humidified ultra-pure air was continuously sparging with 
vigorous stirring, and DO and pH values were monitored with an Orion Versa Star 
electrochemistry meter (Thermo Scientific). This meter was equipped with pH and oxygen probes 
that were calibrated prior to each use. Before starting the experiments, metal-free 15 mL 
polypropylene centrifuge tubes containing 102 µL of 6N trace-metal hydrochloric acid were 
labeled and weighed. 10 mL of suspension samples were collected at designated intervals via 
syringe through a sampling port. These samples were collected periodically by filtering the 
samples through 0.2 µm pore-size polypropylene syringe filters into tubes with corresponding 
labels containing 102 µL HCl. After sampling, tubes were weighed and the volumes of sample 
were recorded. The total volume removed during the experiment was less than 10% of total volume. 







Table 4.1. Initial chemical compositions of working solutions for oxidation experiments and 
chemical compositions of the co-precipitates. All solutions were prepared by carefully weighing 
every reagent and solvent. Bulk suspensions were collected and acidified without filtration for the 
determination of initial concentration of Fe, Si, and P.  
No. 
Initial solution characteristics   
Chemical composition of 
the co-precipitates 
Buffer pH 
Fe Si P  
Si:Fe P:Fe 
µM   
1 
MOPS 6.5 
150 150 0  0.09 0 
2 
295±5 270±10 
76±3  0.08 0.27 
3 150±5  <0.01 0.49 
4 300±5  <0.01 0.52 
5 
HEPES 
7.0 295±5 270±10 
0  0.15 0 
6 76±3  0.08 0.26 
7 150±5  0.02 0.49 
8 300±5  0.01 0.58 
9 
7.5 295±5 270±10 
0  0.33 0 
10 76±3  0.17 0.26 
11 150±5  0.08 0.42 




4.3.3 Column experiment  
For simplification, agarose columns with a porosity close to 100% (the porosity of 2% agarose gel 
is 98%) (Pluen et al., 1999) were used as a column medium to facilitate the diffusion of oxygen 
into the initially anoxic columns from the air, and to provide a medium for co-precipitation (Figure 
4.2). Like the solution in batch experiment, the background solution contained 20 mM HEPES and 
10 mM NaCl was used as a background electrolyte. The background solution with a pH adjusted 
to 7.0 was sparged with N2 for at least 3 hours while boiling, and then was brought into an 
anaerobic chamber (with an atmospheric composition of 97-98% N2 and 2-3% H2). After a day of 
cooling down in the chamber, 1.0 g of ultra-pure agarose (Invitrogen, Fisher Scientific) was added 
to a 140 mL serum bottle containing 100 mL of background solution, i.e., 1 wt. % agarose in the 
background solution. The serum bottles were sealed with rubber stoppers and aluminum caps to 
avoid contamination by O2, and then taken out of the anaerobic chamber. The agarose particles 
were then dissolved in the sealed serum bottle by placing them in a preheated 100 °C water bath 
for 30 minutes. The bottles were then brought back into the anaerobic chamber and the FeCl2, 
Na2SiO3, and NaH2PO4 stock solutions were added into the 1% agarose background solution. 10 
mL of this agarose-containing working solution, which had initial concentrations of Fe(II), DSi, 
and DP as indicated in Table 4.1, was added to metal male luer-lock glass syringes (Cadence 
Science, Fisher Scientific). The bottom outlets of all the syringes were equipped with one-way 
stopcocks (Cole-Parmer) whose seals had been checked with soapy water. The integrity of this 
seal was ensured by wrapping the outlet of the stopcock with sealing film (Parafilm, Sigma 
Aldrich).  
After the agarose had solidified, all of the syringes were taken out of the anaerobic chamber and 
placed in a constant temperature environmental chamber at 25±1 °C. From that point on, two 
syringe reactors were sacrificially sampled at the elapsed times of 6, 21, 45, 79, 93, and 152 hours. 
To sample the agarose columns, the syringes containing the agarose were brought into the 
anaerobic chamber where the agarose was pushed out of the end of the syringes with the large 
opening by supplying the opposite narrow opening with gentle gas pressure from another syring 
containing gas from the anaerobic chamber atmosphere. As the agarose was pushed out, it was 
carefully sliced into around 2 mm thick slices with a razor blade which was wiped with ethanol 






Figure 4.2. Photo of agarose column experiment. 1% agarose (wt. %) was melted under anoxic 
conditions, Fe(II) was added to the solution for the three columns pictured on the right, and the 
solution was allocated to 10 mL metal male luer-lock glass syringes to solidify in the anaerobic 
chamber. After the solidification of the agarose, columns were taken out of the chamber and 
exposed to air at one end. This photo was taken after 6 hours of exposing the columns to air at 
25±1 °C. The three columns shown on the left contain background solution with sodium resazurin 
to show the diffusion of oxygen (Uzarski et al., 2017). The diffusion of oxygen in these columns 
is evident by the blue-purple colour that can be seen in the near-surface agarose. The three columns 
shown on the right contain about 300 µM initial Fe(II) concentration in their background solution. 
 
Table 4.2: Initial Fe, Si, and P concentration in working solution for column experiment. 
Exp. No 
Initial Fe Initial Si Initial P 
µM 
1 300 150 0 




background solution to equilibrate solution-extractable dissolved Fe, DSi and DP. After 
equilibrating agarose slices with the solution for 6 hours, 1.8 mL of sample was collected from 
each tube, and the supernatant was diluted, acidified, and taken out of the anaerobic chamber for 
further analysis. For the solid phase analyses, 1.8 mL of 6N HCl was added into each tube 
containing an agarose slice to dissolve any Fe(III) precipitates, and 6 mL of background solution 
was added 12 hours later. Before analysis of the extracted solid phase, the agarose slices were 
removed by centrifuging at 5000 rpm for 20 minutes. 
4.3.4 Analytical methods 
Both the solution-extractable and solid phase extraction samples were filtered with 0.2 µm pore-
size polypropylene syringe filters, acidified with trace-metal hydrochloric acid to pH < 2, and 
analyzed by Inductively Coupled Plasma-Optical Emission Spectrophotometry (ICP-OES, 
Thermo Scientific iCAP 6300) to determine the concentration of total dissolved Na, Si, and Fe 
using the US EPA Method 200.7 (U.S. EPA., 1994). Matrix-matched standards were prepared 
from Fisher Scientific stock standards (Thermo Fisher Scientific) to eliminate the matrix 
interference. Reference solutions were prepared with multi element standards (Delta Scientific 
Laboratory Products Ltd.) and were analyzed along with all samples for quality control. Fe(II) was 
determined by the ferrozine method (Viollier et al., 2000) after filtration and acidification of 
samples (MDL 3.8 μM). All aqueous analyses were conducted in triplicate. The accuracy of the 
reference solution measurements across all sample run was better than 10% and the relative 
standard deviation of 5 replicates was well within 5%. 
4.3.5 Kinetic modeling of co-precipitation 
To evaluate the contributions of different, sometimes competing reactions to the overall Fe(II), 
DSi and DP removal rates observed in the batch experiments, I developed a kinetic model that 
accounted for the potential reactions occurring in solution. To account for the diffusive transport 
of chemicals in the agarose columns, I incorporated diffusion into the kinetic reaction model, 
herein referred to as the diffusion-reaction model. The reactions included in the model are listed 
in Table 4.3. The model included the least number of reactions possible while still describing the 
co-precipitation process adequately. Briefly, the model includes the homogenous oxidation of 
Fe(II) (Reaction 1), the polymerization and condensation of Fe(III) (Reaction 2), the adsorption 
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and desorption of Fe(II) to the surface sites of Fe(III) oxyhydroxide (Reaction 3), the 
heterogeneous oxidation of Fe(II) and surface precipitation of Fe(III) (Reaction 4), the 
complexation and dissociation of Fe(II) and DSi (Reaction 5), the oxidation of Fe(II) and DSi 
complexes (Reaction 6), the adsorption and desorption of DSi to the surface sites of Fe(III) 
oxyhydroxides (Reaction 7), the complexation and dissociation of Fe(II) and DP (Reaction 8), the 
oxidation of Fe(II) and DP complexes (Reaction 9), and the adsorption and desorption of DP to 
the surface sites of Fe(III) oxyhydroxides (Reaction 10). The value of n in Reactions 3 and 4 was 
set to 2.0, representing the growth of surface sites of Fe(III) oxyhydroxides during precipitation 
(see more details in Appendix C.).  
The Python toolbox PorousMediaLab (Markelov, 2019) was used to model the experimental data 
collected, fit the kinetic parameters using an optimization procedure, and perform a sensitivity 
analysis. Full details of the chemical reaction stoichiometries for all the reactions represented and 
how the kinetics parameters were optimized can be found in Appendix C. 
4.4 Results 
4.4.1 DSi removal during Fe(II) oxidation in the absence of DP in batch system 
4.4.1.1 Effect of pH on Fe(II) oxidation kinetics  
Fe(II) oxidation in the presence of DSi was studied over the pH range of 6.5-7.5 at 25±1 ºC and at 
an ionic strength of 10 mM NaCl. At all pH values, the concentration of dissolved Fe(II) decreased 
with time from its initial value of 300 µM. However, the rates of decrease varied significantly with 
pH: it took less than 10 minutes for the reaction to reach equilibrium at pH 7.5, while at pH 6.5, it 
took more than 20 hours (Figure 4.3). At low initial pH values of 6.5 and 7.0, both pH and DO did 
not significantly change over the course of the experiments, as they both varied within 0.1 unit. In 
contrast, at pH 7.5, where around 95% of the initial Fe(II) amounts were oxidized within the first 
two minutes, the fast oxidation of Fe(II) led to a significant decrease of pH and DO (about 1 unit 







Figure 4.3. The oxidation kinetics of 300 µM Fe(II) in 10 mM NaCl solution at pH 6.5, 7.0 and 
7.5 in the presence of 270±10 µM dissolved silicon (DSi). The data points are experimental data 
points. The solid line is the output of model prediction at pH 6.5, and the dashed line is the output 
of model prediction at pH 7.0. The oxidation kinetics of Fe(II) at pH 7.5 was so fast that both pH 
and DO changed during experiment. Therefore, kinetic information was not used for modeling at 




4.4.1.2 Effect of pH on DSi removal during Fe(II) oxidation  
In the absence of DP, the relationship between the amounts of DSi and Fe removed can be 
categorized into two stages (Figure 4.4). At first, the amount of DSi removed increased linearly 
with an increasing amount of dissolved Fe removed (Stage 1 in Figure 4.4). The slopes of these 
linear relationships were highly pH dependent, increasing from 0.05 at pH 6.5 to 0.27 at pH 7.5. 
Following the initial stage, DSi continued to be removed from solution while dissolved Fe 
concentrations were either under the detection limit or were no longer changing over time (Stage 
2 in Figure 4.4). The DSi concentrations remaining at the end of experiments were highly pH-
dependent; around 190 µM of DSi remained at pH 7.5 after 2 hours of oxidation, while about 255 
µM of DSi remained at pH 6.5 after 22 hours of oxidation. Overall, the Si:Fe molar ratio (with 
initial concentrations of DSi of 270±10 and of Fe(II) of 295±5 µM, and in the absence of DP) in 
their co-precipitates increased from 0.09 to 0.33 (µmol Si per µmol Fe), as the pH increases from 








Figure 4.4. DSi removal during Fe(II) oxidation in the absence of DP. The relationship between 
precipitated Fe and Si at different pH values (Initial Fe and DSi were 295±5 and 270±10 µM, 
respectively, in the absence of DP). Number 1 and 2 represent different stages corresponding to 
the removal of DSi during the oxidation of Fe(II). The red star represents the initial status.   
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4.4.2 DSi removal during Fe(II) oxidation in the presence of DP in batch system  
4.4.2.1 Effect of DP on Fe(II) removal kinetics 
The effects of DP on Fe removal kinetics were highly pH dependent. Fe(II) removal is used here 
to describe Fe(II) removal from the aqueous phase instead of oxidation, as Fe(II) was detected in 
the solid phase for the incubation at pH 7.5. For example, more than 30% of the total Fe was 
incorporated into the solid phase as Fe(II) at the beginning of the oxidation/precipitation process 
at pH 7.5 at the highest initial DP concentration (higher than 150 µM). Fe(II) oxidation can be 
used to describe the removal of Fe(II) in the presence of DP at pH values 6.5 and 7.0, because 
almost no Fe(II) was detected in the solid phase (it was always detected as less than 1% of the total 
Fe). At pH 7.5 (the highest pH in this study), DP inhibited Fe(II) precipitation, and this inhibition 
effect decreased with increasing DP concentration. At pH 6.5 (the lowest pH in this study), the 
presence of DP enhanced Fe(II) precipitation and this enhancement effect increased with 
increasing DP concentration. At pH 7.0, DP in low concentrations inhibited Fe(II) oxidation, while 
at high DP concentrations, DP enhanced Fe(II) oxidation.  
The amount of DP removed, as long as some remained in solution, increased linearly with the 
amount of dissolved Fe removed (Figure 4.5) for initial Fe and DP concentrations of 295±5 and 
150±5 µM, respectively. The ratios of P:Fe precipitated, were slightly pH dependent: a ratio of 
0.42 (µmol P per µmol Fe) at pH 7.5 increased to 0.51 at pH 6.5 (Figure 4.5). For the same initial 
solution Fe:P ratio, the dissolved Fe and DP concentrations remaining in solution at equilibrium 
(i.e., at the point when dissolved Fe was no longer changing over time) differed with pH. Around 
20 µM of dissolved Fe and 40 µM of DP remained at pH 7.5 after 2 hours of aeration (i.e., 













Figure 4.5. The removal of dissolved phosphate (DP) during oxidation of Fe(II) in the presence of 
dissolved Si (Initial dissolved Fe and DP were 295±5 and 150±5 µM, respectively, initial DSi 
concentration was 270±10 µM).  
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4.4.2.2 Effect of DP on DSi removal during Fe(II) oxidation  
The effect of DP on DSi removal was studied by varying the initial P concentration at pH 7.0 and 
with 295±5 µM of initial dissolved Fe(II) provided in solution. Figure 4.6a shows how the amount 
of Si removed is dependent on the initial DP concentration. Specifically, when the initial DP 
concentration was high (higher than 150 µM, or initial DP:Fe > 0.5), the DP concentrations 
remaining in solution decreased throughout the course of Fe(II) oxidation, while DSi 
concentrations hardly decreased until DP concentrations were lower than 25 µM. At equilibrium, 
about 17.9% of the initial DSi was removed in absence of DP, while the amount in the presence 
of high initial DP concentration (150 and 300 µM) was much less, amounting to around 1.2% of 
the initial DSi. 
The effect of DP on the removal of DSi during the oxidative precipitation of Fe(II) was also studied 
at different pH values (Figure 4.6b). DSi concentration decreased slightly with that of DP at high 
pH during the oxidation of Fe(II) (pH = 7.5 in Figure 4.6b), but barely changed at low pH (pH = 
6.5 in Figure 4.6b). At equilibrium, about 31.5% of initial DSi was removed in absence of DP, 
while the amount at pH 6.5 was about 5.4%.  
Overall, the trends in the relative concentrations of DSi and DP in solution during their competition 
for co-precipitation with Fe was described as three regions (which corresponded to stages that 
progress with time and extent of oxidation/precipitation): the initial stage where only DP, and not 
DSi, was removed from solution, the intermediate stage where DP continued to be removed and a 
comparatively smaller amount of DSi was removed, and the final stage where the solution DP had 
been depleted and the highest amount of DSi was removed (compared to the other regions) (Figure 
4.6). At higher initial DP concentrations where the initial DSi concentration was fixed, the initial 
stage was more predominant, and the intermediate and final stages (when DSi removal and 




Figure 4.6. The relationship between DSi and DP concentration remaining in solution during Fe(II) oxidation (the initial Fe concentration 
was 295±5 µM, the initial DSi concentration was 270±10 µM, and there were different initial P concentrations). (a) The effect of variable 
initial DP concentrations on the removal of DSi during Fe(II) oxidation at pH 7.0. (b) The effects of different pH values on the removal 
of DP and DSi during Fe(II) oxidation. It should be noted that DP remaining decreases with the progress of oxidation. The rightmost 
data points of each groups with different initial P concentrations represent samples collected at the beginning of experiments, and the 
leftmost represents the last data points collected in each experiment. The arrows represent the direction of the progress of the co-
precipitation reaction. Different colours represent the progress of oxidation reactions: 0 indicates almost no oxidation of Fe(II), 1 
indicates the complete oxidation of all Fe(II). 
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4.4.3 Agarose column results 
4.4.3.1 Vertical distribution of dissolved Fe, DP and DSi in agarose columns 
The effects of diffusion on the co-precipitation of Fe, Si, and P during Fe(II) oxidation were studied 
by measuring their concentrations remaining in solution in agarose columns whose top ends were 
open to air. Before starting the extensive sacrificial column experiment, a preliminary experiment 
was conducted to test the diffusion of DO in an agarose column after exposure to air for 6 hours, 
at which point the column was sacrificed to measure the concentration-depth distributions of 
dissolved Fe and DSi. After 6 hours of air exposure, Fe(II) from greater depths in the column 
diffused towards the air-exposed surface, and precipitated at the oxidation front (Figure 4.7). In 
the absence of DP, DSi concentrations in the agarose columns showed a slightly decrease at the 
oxidation front compared to concentrations at depths below the oxidation front (Figure 4.7). There 
were abnormally high DSi concentrations near the surface of the columns that were greater than 
the concentrations observed at depths above the oxidation front (Figure 4.7). Although the 
concentrations of DO with depth in the agarose columns were not monitored directly, they can be 
inferred based on the concentration-depth profile of dissolved Fe that DO penetrates to a depth of 
around 1.2 cm below the column surface after 6 hours. Dissolved Fe was measured as total 
dissolved Fe in the anoxic porewater of the agarose columns on the ICP-OES, which is presumably 
mostly Fe(II). A comprehensive understanding of the concentration-depth distribution of solid 
phase Fe and Si in the preliminary experiment was not possible, because their profiles were not 









Figure 4.7. Dissolved Fe and DSi concentration-depth profiles after exposure to air for 6 hours. 
Oxidation front (red line) is the boundary of oxic and anoxic zone in the agarose column: oxic 
zone is above the oxidation front, anoxic is below the oxidation front.  
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In the main column experiment, where DSi, DP and dissolved Fe(II) were all present in the agarose 
medium initially and the columns were sacrificially sampled over time, the complete 
concentration-depth profiles of dissolved Fe, DSi, and DP were measured, as well as their 
evolution over time ( 
Figure 4.8, 4.9 and C.1). Dissolved Fe concentrations measured at depths close to the bottoms of 
the columns were equal to the initial concentration of dissolved Fe, which was around 270 µM. 
The initial dissolved Fe concentration should have been 300 µM based on the careful preparation 
of the solution, which involved weighing every solution and reagent. The discrepancy between 
these measured dissolved Fe concentrations and the initial solution concentration is likely 
attributable to the incomplete recovery rate during the extraction of the aqueous phase by the 
background solution.  
After 6 hours of air exposure, the oxidation front where Fe precipitated was around 1.2 cm below 
the surface ( 
Figure 4.8). The concentration of dissolved Fe above the oxidation front was around 37 µM. Below 
the oxidation front, dissolved Fe concentration increased with depth within the first centimeter and 
remained constant (and equal to the initial dissolved Fe concentration) with depth in the columns 
(deeper than 2.5 cm below the surface). With increased elapsed time since air exposure and the 
progression of diffusion, the oxidation front moved deeper into the column with time of air 
exposure and reached a depth of around 5.5 cm below the surface after 152 hours. During this time 
period, dissolved Fe concentrations in the oxidized zone remained constant (at about 37 µM), while 
concentration deeper in the column decreased from 270 µM at the beginning of the experiment to 
37 µM by the end of experiment as the oxidation front moved down and oxidized Fe(II). DP 
remaining in the agarose columns is correlated with dissolved Fe remaining, which is itself 
dependent on the concentration of DO ( 
Figure 4.8 and C.1). The initial concentration of DP was 54 µM. With the diffusion of oxygen into 
the agarose columns, DP co-precipitated with Fe at the oxidation front. Consequently, DP from 
the deeper the columns diffused towards the oxidation front until there was no concentration 
gradient, which occurred when DP was around 5 µM. 
The vertical distribution of DSi in the agarose columns, which differed from the distribution 
observed in the absence of DP (Figure 4.7), did not show an obvious correlation with dissolved Fe 
( 
Figure 4.8 and Figure 4.9). Despite the scattered data points, DSi concentrations in the agarose 
columns followed a general trend: above the oxidation front, near the surface of the columns, DSi 
decreased with increasing depths then increased slightly with depth at depths below the oxidation 
front depth. At the oxidation front, a decrease of DSi at oxidation front was also observed. At the 
oxidation front, DSi decreased to 141±8 µM after 152 hours of air exposure from its initial 





Figure 4.8. The evolution of dissolved Fe profiles in 
agarose columns with time. Each subplot representing 
a different elapsed time and sacrificial sampling of the 
columns. Before exposure to air, the initial chemical 
composition is homogeneous throughout the agarose 
columns with Fe(II), P, and Si concentrations being 270, 
54, and 150 µM respectively. Points represent 
experimental data of dissolved Fe extracted, and solid 
lines represent model predicted dissolved Fe(II) 




Figure 4.9. The evolution of dissolved Si (DSi) 
concentration-depth profiles in agarose columns with 
time. Each subplot representing a different elapsed time 
and sacrificial sampling of the columns. Before 
exposure to air, the initial chemical composition is 
homogeneous throughout the agarose columns with 
Fe(II), P, and Si concentrations being 270, 54, and 150 
µM respectively. Points represent experimental data of 
DSi extracted, and solid lines represent model predicted 
DSi concentrations (See details in Discussion).
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4.4.3.2 Elemental composition of co-precipitates in agarose columns   
The diffusion of dissolved Fe(II) from the anoxic zone toward the oxic zone and its subsequent 
oxidation by DO and precipitation as Fe(III) oxyhydroxides led to the slight accumulation of solid 
Fe in the agarose close to the oxidized surface of the columns (Figure 4.10). P precipitated at the 
same depth as Fe ( 
Figure 4.8 and Figure C.1). The elemental ratio of Fe and P in the solid phase was equal to their 
initial ratio in the dissolved phase (P:Fe = 0.2) and did not change over the course of the oxidation 
process (Figure 4.11). DSi removal was not correlated with the amount of Fe(II) removed by 
precipitation in the agarose columns (Figure 4.11), whereas they were correlated in the batch 




Figure 4.10. The evolution of Fe (III) oxyhydroxides 
concentration-depth profiles in agarose columns with 
time. Each subplot representing a different elapsed time 
and sacrificial sampling of the columns. Initial Fe(II), P 
and Si concentrations are 270, 54 and 150 µM 
respectively. The initial pH is 7.0 with 20 mM HEPES 
as the pH buffer and temperature of oxidation is 














4.4.4 Kinetic reaction modeling  
The rate constant parameters for the Reactions 3-10 represented in the model were fitted to the 
batch experiment data using the optimization procedure included within PorousMediaLab. The 
optimized rate constant parameters are summarized in Table 4.3. The reaction rate constants of 
dissolved Fe(II) and DSi complexation (Reaction 5) are much smaller than the rate constant for 
the surface adsorption of dissolved Fe(II) (Reaction 3) and the complexation of dissolved Fe(II) 
and DP (Reaction 8). The rate constants for the homogeneous oxidation of Fe(II)-DSi and Fe(II)-
DP complexes (Reaction 6 and Reaction 9) are much larger than that of the homogeneous oxidation 
of Fe(II) alone (Reaction 1). The kinetic reaction model was implemented using the rate constants 
derived from the PorousMediaLab optimization to predict the reaction rates for each reaction in 
Table 4.3 at pH 6.5 and 7.0. The evolution of the model-predicted homogeneous and 
heterogeneous oxidation rates with time indicates that the heterogeneous oxidation of Fe(II) is 
inhibited in the presence of both DSi and DP (Figure 4.12). As per the optimized rate constants, 
the presence of DSi, and thus the presence of Fe(II)-DSi complexes, accelerates the homogeneous 
oxidation of Fe(II) relative to the rate for Fe(II) alone, and the enhancement effect of DP on the 




Table 4.3. Reactions and rate constants accounting for the co-precipitation of Fe, Si, and P. 
No. Reaction 
Rate constant (M-1 s-1)  
pH 6.5 pH 7.0 
1 FeII + (1/4)O2 → Fe
III  3.5 × 10-3 2.7 × 10-1 
2 FeIII + FeIII →  >FeOH  5.0 × 105  1.0 × 106 
3 >FeOH + nFe
II ⟷ >FeO(FeII)n 2.7 × 10-1 5.0 × 10-1 
4 >FeO(FeII)n + (n/4)O2 → Fe(OH)3(s) + n>FeOH 2.1 × 10
0 6.9 × 100 
5 FeII + Si  ⟷ FeIISi  1.6 × 10-2 3.2 × 10-2 
6 FeIISi + (1/4)O2 → FeOHSi(s) 1.2× 10
-1 1.2 × 100 
7 >FeOH + Si ⟷ >FeOSi  2.4 × 10-3 4.8 × 10-3 
8 2FeII + P ⟷ (FeII)2P 2.5 × 101 4.9 × 101 
9 (FeII)2P + (1/2)O2 → (Fe
III)2P(s) 5.8 × 10
-1 2.9 × 100 
10 >FeOH + P ⟷ >FeOP 4.8 × 101 9.6× 101 
Rate constants of Reactions 1 and 2 are from (Kinsela et al., 2016). Rate constants for Reactions 
3 and 4 are interpreted from data supplied in Pham et al. (Pham and Waite, 2008) and Kinsela et 
al. (Kinsela et al., 2016). All other values are derived from model fit to experimental data in this 
study. Values of Reactions 3, 5, 7, 8, and 10 represent equilibrium constants 
(kcomplexation/kdissociation). >FeOH represents surface sites, Fe(OH)3(s) is iron precipitated in bulk solid 





Figure 4.12. Model prediction of the homogeneous (black lines) and heterogeneous oxidation (red 
lines) rates of Fe(II) at pH 7.0. Solid lines correspond to the oxidation of 300 µM Fe(II) in the 
absence of complexation agents; dashed lines correspond to the oxidation of 300 µM Fe(II) in the 
presence of 270 µM DSi; dash-dotted lines correspond to the oxidation of Fe(II) in the presence 
of 270 µM DSi and 80 µM DP. Homo is short for homogeneous oxidation of Fe(II), including free 
Fe(II), Fe(II)-DSi complexes, as well as Fe(II)-DP complexes. Hetero is short for heterogeneous 




4.5 Discussion  
4.5.1 Effect of pH on DSi removal during Fe(II) oxidation in the absence of DP  
The kinetic data obtained in the batch experiment were used to decipher the mechanisms of co-
precipitation of Fe and DSi. While a constant initial DSi concentration was used in this study and 
I am thus unable to directly assess the effect of DSi on the overall oxidation kinetics of Fe(II), a 
previous study showed that the presence of DSi inhibits the Fe(II) oxidation within the pH range 
of 6.0 to 7.0 (Kinsela et al., 2016). Kinsela et al (2016) propose that silica-ferrihydrites, the co-
precipitates of Si and Fe(III), prevent Fe(II) from forming inner-sphere complexes, inhibiting the 
heterogeneous Fe(II) oxidation pathway. DSi has also been proposed to inhibit heterogeneous Fe(II) 
oxidation by competing with Fe(II) for surface sites by forming inner-sphere complexes on the 
surface of Fe(III) oxyhydroxides (Hansen et al., 1994; Sabur, 2019; Stumm, 1992; Wolthoorn et 
al., 2004). These mechanisms, however, do not explain the fast decrease of DSi concentration at 
the beginning of oxidation (Stage 1 in Figure 4.4, Figure C.2). Because surface sites for DSi and 
Fe(II) adsorption at the beginning of oxidation are limited by the small Fe(II) homogeneous 
oxidation rate constant (Kinsela et al., 2016).  
The formation and oxidation of Fe(II)-DSi complexes explain the fast removal of DSi at the 
beginning of the Fe(II) oxidation process in the batch experiment. Fe(II)-DSi complexes enhance 
the homogeneous oxidation rate of Fe(II) compared to the homogeneous oxidation of free Fe2+, 
although the exact speciation and reactivity of these complexes have never been identified 
(Wolthoorn et al., 2004). Instead of complexing with aqueous Fe(III) or surface sites of Fe(III) 
oxyhydroxides, DSi is more likely to form complexes with Fe(II) at the beginning of oxidation 
(Schenk and Walter, 1968).  
Predictions made by the kinetic reaction model incorporating Reactions 1-7 in Table 4.3 (i.e., not 
including reactions involving DP) support this interpretation of the relative contribution of two 
DSi removal mechanisms during Fe(II) oxidation/precipitation at pH 7.0. The amount of DSi 
removed by homogeneous oxidation of Fe(II)-DSi complexes starts to increase at the beginning of 
oxidation and reaches its maximum value after 0.5 hours, while DSi removal by surface adsorption 
begins after around 0.25 hours of oxidation (Figure 4.13). At equilibrium, the amount of DSi 
removed by homogeneous oxidation is about three times the amount removed by surface 
adsorption with initial DSi:Fe(II) close to 1 at pH 7.0.  
The elemental ratio of Si:Fe removed from solution is highly pH dependent, increasing from 0.09 
at pH 6.5 to 0.33 at pH 7.5 when the initial solution’s DSi:Fe ratio was close to 1. The effect of 
pH on DSi removal during Fe(II) oxidation can be induced in the model by (i) changing the 
partitioning of Fe(II) and DSi species, and (ii) altering the surface charge of Fe(III) oxyhydroxides. 
In the absence of DSi, the oxidation rate constants of the three dominant Fe(II) species (Fe2+, 
Fe(OH)+, Fe(OH)2, panel a in Figure 4.14) differ from each other by five orders of magnitude 
(Morgan and Lahav, 2007). In the presence of DSi, the oxidation rate constant of Fe(II)-DSi 









Figure 4.13. Model prediction of the DSi removed by homogeneous oxidation of Fe and DSi 
complexes (black lines) and by surface adsorption (red lines) at pH 7.0. Solid lines correspond to 
the oxidation of 300 µM Fe(II) in the presence of 270 µM DSi and in the absence of DP; dash lines 
correspond to the oxidation of 300 µM Fe(II) in the presence of 270 µM DSi and 80 µM DP; dash-
dotted lines correspond to the oxidation of Fe(II) in the presence of 270 µM DSi and 150 µM DP. 
FeOSi represents products of homogeneous oxidation of Fe(II) and DSi complexes. >FeOSi 
represents products of DSi adsorbed by surface sites of Fe(III) oxyhydroxides.  
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This may be because DSi forms different complexes with Fe(II) at different pH values, for example 
FeH3SiO4+ and FeH2SiO4, whose oxidation rate constants could be orders of magnitude different. 
However, the species and stability constants of Fe(II)-DSi complexes have never been identified 
and defined. Without information about the rate constants of the different Fe(II)-DSi complexes 
species, the effects of pH on the homogeneous oxidation rate of Fe (II)-DSi complexes cannot be 
assessed at pH values other than 6.5 and 7.0. 
The effects of pH on the surface adsorption of DSi on Fe(III) oxyhydroxides have been widely 
studied (Davis, 2000; Davis et al., 2002; Hansen et al., 1994; Sabur, 2019; Stumm, 1992; Swedlund 
et al., 2010). It is widely accepted that both the concentration and charge of surface groups affect 
the amount of DSi adsorbed by Fe(III) oxyhydroxides. pH affects the aggregation rate of Fe(III) 
colloids, which can affect the particle size and surface site density of Fe(III) oxyhydroxides 
(Hiemstra, 2013; Villalobos et al., 2003; Wang et al., 2013a). This is not considered in this study 
given the small pH range (6.5-7.0) imposed in the experiments. However, if the model is 
extrapolated to a larger pH range, the effect of pH on the concentration of surface groups would 
need to be considered. Ferrihydrites, the products of Fe(II) oxidation in the presence of DSi, have 
been reported to have a point of zero charge (PZC) of 8.6±0.2 (Langmuir, 1997). Below this pH 
value, DSi, exists mostly as monomeric silicic acid (H4SiO4), which can be adsorbed relatively 
well by the positively charged surface of Fe(III) oxyhydroxides. As pH increases, the relative 
abundance of H3SiO4-, which has a higher affinity for adsorption sites, increases, increasing the 
amount of DSi adsorbed. However, negatively charged surface groups would become more 
predominant on the ferrihydrite surface as pH increases to 9.8 (pKa of H4SiO4), and above this pH, 
surface adsorption of DSi will be inhibited by the electrostatic repulsion.  
4.5.2 Effect of DP on DSi removal during Fe(II) oxidation 
The pH-dependent inhibition or enhancement effect of DP on Fe(II) oxidation rates is attributed 
to DP enhancing the homogeneous oxidation of Fe(II) while inhibiting its heterogeneous oxidation 
(Mao et al., 2011; Millero, 1985; Morgan and Lahav, 2007; Stumm and Morgan, 1996; Wolthoorn 
et al., 2004). The optimized rate constants from the chemical reaction model support this 
explanation. There is a pH-dependent change in the overall inhibition/enhancement effect of DP 
because of the pH-dependent speciation of dissolved Fe(II) species, including aqueous Fe(II) 
complexes with DP (Mao et al., 2011; Millero, 1985; Morgan and Lahav, 2007; Stumm and 
Morgan, 1996; Wolthoorn et al., 2004). According to the reaction model, at pH 6.5, more than 
99.88% of dissolved Fe(II) exists as free Fe2+. Free Fe2+ has the smallest oxidation rate constant 
among all Fe(II) species in the absence of complexation agents. In the presence of DP, additional 
Fe(II) species (i.e., Fe(II)-DP complexes) are presented in solution (Figure 4.14). The oxidation 
rate constants of these Fe(II) species decrease in the order of 
Fe(OH)2>Fe(OH)+>FePO4->FeHPO4>FeH2PO4+>Fe2+ (Mao et al., 2011; Mitra and Matthews, 
1985b). Given that they have larger oxidation rate constants than free Fe2+, Fe(II)-DP complexes, 
whose speciation was not identified in this study, enhance the overall oxidation rate by enhancing 
the homogeneous oxidation of Fe(II) at pH 6.5. At pH 7.5, the products of the homogeneous 
oxidation of Fe(OH)+ catalyze further oxidation of Fe(II) via heterogeneous oxidation (Tamura et 
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al., 1976; Wolthoorn et al., 2004). Fe(II)-DP complexes can inhibit this heterogeneous oxidation 
process by preventing the surface adsorption of Fe(II). DP can also compete with Fe(II) for 
sorption sites, inhibiting heterogeneous oxidation (Wolthoorn et al., 2004). 
The contradictory effects of DP on the oxidation rate of Fe(II) also control the elemental ratio of 
P:Fe in their co-precipitates: At variable initial solution DP:Fe ratios (from 0 to 1) and at different 
pH values, I observed different P:Fe molar ratio in the resulting co-precipitates, ranging from 0.51 
at pH 6.5 to 0.42 at pH 7.5 when initial DP:Fe was 1. The maximum P:Fe ratio observed of 0.5 
closely matches the value observed in previous studies (Lienemann et al., 1999; Mayer et al., 1982; 
Mayer and Jarrell, 1995; Thibault et al., 2009). At low DP concentrations, both homogeneous and 
heterogeneous oxidation of free Fe(II), as well as the oxidation of Fe(II)-DP complexes, proceed 
simultaneously. Therefore the relative rate of each pathway determines the P:Fe molar ratio in 
their final co-precipitates. At high DP concentrations, the oxidation of Fe(II)-DP complexes is the 
dominant oxidation pathway at pH 6.5 and 7.0. Regardless of the unknown mineralogy of the co-
precipitates, these Fe(III) phosphates are proposed to have an elemental ratio of P:Fe = 0.5. 
The presence of DP affects not only the Fe(II) oxidation rate but also the amount of DSi removed 
(Figure 4.6). Unlike Fe(II)-DP complexes, the oxidation rate constant of Fe(II)-DSi complexes 
have not been calculated and reported in the literature before. The kinetic modeling results show 
that the oxidation rate constant of Fe(II)-DP complexes, although larger, has the same order of 
magnitude as that of Fe(II)-DSi complexes (Table 4.3). In contrast, DP has a much higher affinity 
for complexing with Fe(II) than with DSi (Table 4.3). This is likely due to that less protonated 
forms of DSi is less electrostatic favorable for binding with Fe compared to DP because of the 
lower deprotonation constants of DP (Sabur, 2019). Thus, the amount of DSi removed by 
homogeneous oxidation decreases with increasing DP concentrations within the pH range studied 
(Figure 4.13). DP can also compete with ions for adsorption to the surface sites of Fe(III) 
oxyhydroxides (Roberts et al., 2004; Zhang and Huang, 2007; Zhao and Stanforth, 2001), and 
there is evidence that DP outcompetes DSi for surface sites of goethite at pHs lower than 7.5 (Sabur, 
2019). Consequently, the presence of DP limits the removal of DSi during Fe(II) oxidation by 






Figure 4.14. The species composition of aqueous Fe(II) in the absebce (a) and presence (b) of DP. 
Fe(OH)2 does not precipitate at pHs below 8.5. Initial P:Fe(II) in panel b is 300:300 µM. Stability 
constants for different Fe(II) species in this figure were sorted from a previous study (Mao et al., 
2011). Vivianite starts to precipitate at pH above 5.3, and Fe(OH)2 does not precipitate at pH below 
8.5. Overall, more than 95% of Fe(II) is in aqueous phase at pH below 8.5.  
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4.5.3 Comparing observed and diffusion-reaction model prediction DSi concentrations  
Although the diffusion-reaction model (DRM) effectively predicted the decrease in DSi 
concentrations at the oxidation front, the DSi concentrations predicted were lower than those 
observed (Figure 4.9). The decrease of DSi at the oxidation front, similar to that of DP, can be 
attributed to the homogeneous oxidation of Fe(II) and DSi complexes. One plausible explanation 
for the slightly higher observed DSi concentrations, compared to those predicted by the model, is 
the limited accessibility of Fe(III) oxyhydroxide surface sites to Fe(II) and DSi for sorption, caused 
by the porous agarose medium. The DRM also failed to predict the observed high DSi 
concentrations at depths near the surface of the column. One reason for this discrepancy could be 
the desorption of surface-adsorbed DSi during the equilibration step with the background solution 
to extract the aqueous phase, given that the fast oxidation of Fe(II) at the surface of the columns 
would generate a large number of surface sites to adsorb DSi. Another reason for this discrepancy 
could be that slicing the columns can lead to the losses from the agarose pores. This is quite feasible 
as particles of Fe(III) oxyhydroxides can be as small as 2.5 nm (Hiemstra, 2013) and some pores 
in agarose media have been shown to have diameters as large as 150 nm (Pluen et al., 1999). This 
fraction of Fe(III) oxyhydroxides lost during the extraction step could be the reason for the 
abnormal non-zero value of dissolved Fe measured in the oxic zone of the columns 
4.5.4 Comparing batch and column experiments: Diffusive transport limitation effects   
After 6 hours of oxidation in the fully oxic, O2-saturated batch experiment, almost all of the initial 
dissolved Fe(II) had precipitated, whereas after 6 hours of exposure to air at the top of the agarose 
columns, around 20% of the initial dissolved Fe(II) had precipitated (Figure C.2 and  
Figure 4.8). This is because diffusion of the aqueous species O2 and Fe(II) is slow relative to Fe(II) 
oxidation rates, and Fe(II) oxidation is therefore limited by the diffusion of the participating 
chemicals (Bircumshaw and Riddiford, 1952; Guy and Schott, 1989). Transport-limitation of 
reaction rates has also been observed in natural environments such as peat (Beer and Blodau, 2007), 
estuarine sediments in flow-through reactors (Pallud and Van Cappellen, 2006), and marsh 
sediments in flow-through reactors (Sabur, 2019). The DRM-predicted oxidation rates for the 
batch and column systems and O2 concentrations in the columns illustrate this diffusion limitation 
effect (Figures 4.12 and 4.17). At each elapsed time point, the top surface of any of the columns 
is saturated with O2, while the O2 concentration decreases with depth (Figure 4.15). The oxygen 
penetration depth (i.e., the first depth at which O2 is not zero) increases with time due to continuous 
O2 diffusion from the top open end of the columns, and the overall O2 concentration profiles evolve 
with time (Figure 4.15). The DRM predicts that Fe(II) oxidation at a depth of 1.25 cm starts after 
2 hours of air exposure, while at a depth of 3.0 cm, it starts at an elapsed time of 20 hours, and that 
the maximum instantaneous homogeneous oxidation rate of Fe(II) at a depth of 3.0 cm is one sixth 











Figure 4.16. Model-predicted homogeneous (black lines) and heterogeneous oxidation (red lines) 
rates of Fe(II) at different depths of in a simulated agarose column (The oxidation of 270 µM Fe 
in the presence of 150 µM DSi and 54 µM DP at pH 7.0). Solid lines correspond to the oxidation 
rates of Fe(II) at a depth of 1.2 cm; dashed lines correspond to the oxidation rates of Fe(II) at a 
depth of 3.0 cm. Homo is short for homogeneous oxidation of Fe(II), including free Fe(II), Fe(II)-
DSi complexes, as well as Fe(II) and DP complexes. Hetero is short for heterogeneous oxidation 
of Fe(II).  
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Both the homogeneous and heterogeneous oxidation rates of Fe(II) simulated by the DRM to be 
occurring in the columns are much slower than those predicted in the batch system (compare the 
oxidation rates in Figure 4.16 to those in Figure 4.12). Because DSi is mainly removed via the 
homogenous oxidation of Fe(II)-DSi complexes, the diffusive transport of dissolved Fe(II) and O2 
necessary for Fe(II) oxidation to occur limits the removal rate of DSi during Fe(II) oxidation in 
the heterogeneous column system. This has important implications for natural systems where 
diffusion is the dominant control on the supply of reactants such as O2 and Fe(II), and DSi removal 
rates in these systems are therefore likely much smaller than observations made in batch 
experimental systems indicate. Collectively, these results show that Fe-bound Si is likely a much 
smaller Si pool in near-natural systems where diffusion limits the fast Fe(II) oxidation rates that 
are necessary for DSi co-precipitation with Fe than what would be predicted based on batch 
experiments alone. 
The interplay between the diffusive transport rates of the participating chemicals (i.e., O2 and 
dissolved Fe(II) and its aqueous complexes) and the Fe(II) oxidation rate determines where Fe 
precipitates in the agarose column, which in turn affects the concentration profiles of DP (Figure 
C.1). Although dissolved Fe(II) and DP have distinct diffusion coefficients (Couture et al., 2010), 
they precipitate at the same depth and the P:Fe molar ratio in their co-precipitates is 0.2. This is in 
accordance with the mechanism proposed above: DP is mainly removed through the homogeneous 
oxidation of Fe(II)-DP complexes instead of by surface adsorption. 
4.5.5 Implications for internal DSi loading 
Unraveling the mechanisms and kinetics of DP competing with DSi during coprecipitation with 
Fe(II) has important implications for predicting the magnitude and timing of DSi retention. In 
oligotrophic freshwater systems, the incorporation of DSi during Fe(II) oxidative precipitation, 
which corresponds mostly to the final stage of the competition progress of DSi and DP in Figure 
4.6 (i.e., low DP and high Fe(II)), can retain considerable amount of DSi in oxic surface sediment. 
This will lead to the redox dependent of DSi flux out of sediment. Since the industrial revolution, 
large amounts of P have been loaded to water bodies by the use of P-containing fertilizers and 
detergents, which has changed some freshwater systems from mesotrophic to eutrophic (Filippelli, 
2008). I predict, based on these results, that in sediment porewaters of eutrophic freshwater 
systems with a high DP concentration (corresponding to the intermediate to initial stage the 
competition progress of DSi and DP in Figure 4.6 with high DP and Fe(II)), there will be a lack of 
redox-dependence of DSi fluxes out of the sediment to the overlying water because of the limited 
amount of Fe-bound Si that is formed in the sediment during fully oxygenated conditions.  
I expect that other sediment geochemical factors that influence Fe oxidation rates and the extent 
of potential Fe oxidation and co-precipitation with DSi and DP, such as pH, the dissolved Fe 
concentration and the steady state oxygen penetration depth, would influence the amount of DSi 
retained during Fe(II) oxidative precipitation. For example, I hypothesize that for a fixed initial 
DP:DSi ratio, DSi retention would increase with increases in the sediment dissolved Fe 
concentration and in the steady state oxygen penetration depth, because the amount of Fe(III) 
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oxides formed by oxidation and subsequent precipitation would increase under both scenarios. 
Simulating these different scenarios using the DRM could provide valuable insight and realistic 
predictions and would therefore be a valuable future application of the DRM. 
4.6 Conclusions 
This study investigated the effect of oxidative precipitation of Fe(II) on the immobilization of 
dissolved silicon (DSi). The experimental data showed that the co-precipitation of Fe(II) and DSi 
can be categorized into two stages: (i) the initial removal of DSi during oxidation of Fe(II), and (ii) 
the removal of DSi after complete oxidation of Fe(II). The amount of DSi removed during Fe(II) 
oxidation increases with increasing pH and decreases with increasing dissolved phosphate (DP) 
concentration. Reaction rates simulated by a kinetic model indicates that the oxidation of Fe(II)-
DSi complexes enhances the homogeneous oxidation of Fe(II) and induces the fast removal of DSi 
at the beginning of oxidation. The adsorption of DSi to surface sites of Fe(III) oxyhydroxides is 
responsible for the removal of DSi after complete oxidation of Fe(II), whose contribution to the 
removal of DSi is smaller. The presence of DP competes with DSi effectively for not only aqueous 
Fe(II) but also surface sites of Fe(III) oxyhydroxides, enhancing the homogeneous oxidation, 
inhibiting the heterogeneous oxidation of Fe(II), and limiting the removal of DSi during Fe(II) 
oxidation by both the homogeneous oxidation of Fe(II)-DSi complexes and the adsorption of DSi 
to Fe(III) oxyhydroxides. 
The results from an experiment using agarose columns indicate that the removal of DSi during 
Fe(II) oxidation may be transport-limited in natural and near-natural systems where diffusive 
transport controls the oxidation rate of Fe(II). Reaction rates simulated by a diffusion-reaction 
model indicates that the transport of participating chemicals (i.e., dissolved Fe(II) (free Fe2+ and 
its aqueous complexes), and DO) limits Fe(II) oxidation kinetics and DSi removal kinetics 
compared. The distinct Si:Fe molar ratios in co-precipitates formed in the columns compared with 
those formed in the batch experiment demonstrate Fe-bound Si is a much smaller Si pool in near-
natural systems where diffusion limits the fast Fe oxidation rates that are necessary for DSi co-
precipitation with Fe.  
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Chapter 5                                                                                      
Controls on the release of dissolved silicon from natural 
freshwater sediments: Roles of oxygen and iron 
5.1 Summary 
The availability of nutrient dissolved silicon (DSi), relative to dissolved phosphate (DP), exerts an 
important control on the relative importance of siliceous phytoplankton in algal communities in 
natural waters. The mechanisms controlling internal DSi loading from aquatic sediments are not 
yet well understood, however. Experiments exploring these mechanisms often use pure materials 
under well-controlled laboratory conditions and, therefore, may not provide realistic analogs for 
complex natural sediments. Here, surficial sediments collected from the open water area of a 
freshwater marsh were used in a series of flow-through column experiments to elucidate the roles 
of different reaction pathways in the immobilization and release of DSi. In a series of 10 parallel 
flow-through columns, anoxic solutions containing variable concentrations of dissolved Fe(II), 
DSi and DP were pumped upwards through 10 cm of the sediment and collected from a 1 cm layer 
of overlying water that was initially kept aerated. In six of the columns, the oxic phase was 
followed by a period of several weeks during which the overlying water remained anoxic. As 
expected, Fe(II) supplied via the inflow was efficiently retained in the sediment when the overlying 
water was aerated. When the overlying water became anoxic, efflux of Fe(II) from the columns 
was observed. The DP retention and efflux dynamics were similar to those of Fe(II), although even 
under oxic conditions measurable DP efflux was detected. The latter implies that the active 
precipitation of Fe(III) oxyhydroxides in the uppermost sediment under the oxic water layer was 
unable to retain all the DP supplied to, as well as produced within, the sediment columns. In 
contrast to Fe(II) and DP, there was little evidence of DSi retention in sediments during oxic 
periods. In addition, no systematic changes were observed in the DSi efflux upon switching to 
anoxic overlying water. The data also indicated net production of DSi in the sediment, likely from 
the dissolution of amorphous silica (ASi). The conclusions drawn from the aqueous concentration 
time series measured in the outflow were supported by buffered ascorbate-citrate extractions that 
showed net enrichments of Fe and P but not Si in the upper 1 cm of sediment at the end of the 
experiments. Overall, the results with the natural sediment confirm that, at near-neutral pH, the 
presence of high DP concentrations inhibit the co-precipitation and adsorption of DSi, hence 
preventing DSi retention in sediments under oxic overlying water. We conclude that the relative 
production rates of pore water DP and DSi likely represents the major control on the redox 
dependence of internal Si loading in freshwater systems. The speciation and stability of legacy P 
pools in freshwater sediments, as well as recent depositional P inputs, therefore, likely play a major 




5.2 Background and Rationale 
Harmful algal blooms and the degradation of water quality due to eutrophication afflict many 
freshwater systems around the world (Dittrich et al., 2013; Sondergaard et al., 2007). Increased 
dissolved phosphate (DP) loads and concentrations are regarded as one of the most important 
factors controlling excessive algal growth (Correll, 1998; Daniel et al., 1998; Lee, 1973; Van der 
Molen and Boers, 1994). However, nutrient enrichment in aquatic ecosystems is not the only factor 
that controls the community composition and abundance of phytoplankton, as nutrient 
stoichiometry is also an important controlling factor (Collins, 1988; Marchetti et al., 2010). 
Specifically, the major nutrients phosphorus (P) and silicon (Si) are required for photosynthesis by 
siliceous diatom algae in an atomic ratio of approximately Si:P = 16:1 (Officer and Ryther, 1980; 
Redfield et al., 1963). A supply of dissolved silicon (DSi) that result in an DSi:DP ratio above this 
threshold ratio may decrease the likelihood of harmful algal blooms in eutrophic waters (Egge and 
Aksnes, 1992; Makulla and Sommer, 1993; Officer and Ryther, 1980; Redfield et al., 1963; 
Sommer, 1989).  
Although efforts have been made to reduce external nutrient phosphorus loading, eutrophication 
remains a major problem in lakes and other lentic water bodies, in part because of the 
remobilization of accumulated legacy P from their sediments, which is known as internal loading 
(Muller et al., 2005; Parsons, 2017; Sondergaard et al., 2007; Van der Molen and Boers, 1994). 
The mechanisms that control the internal loading of nutrients P have been widely studied (Gächter 
and Mülle, 2003; Gachter and Muller, 2003; Katsev et al., 2006; O'Connell et al., 2020; Orihel et 
al., 2017; Sabur, 2019; Smolders et al., 2017; Sondergaard et al., 2003; Van der Molen and Boers, 
1994). The bottom water oxygen concentration is known to be one of the main factors controlling 
DP loading, due to the high affinity of DP to adsorb to, or co-precipitate with, redox-sensitive iron 
oxyhydroxides, whose reduced forms are soluble and their oxidized forms are not. These mineral 
phase are therefore solubilized during anoxic conditions, releasing bound P to solution (Gächter 
and Mülle, 2003; Gachter and Muller, 2003; Jensen et al., 1992; Markelov et al., 2019; Mortimer, 
1941; Parsons et al., 2017; Ridenour, 2017; Sabur, 2019; Zhang and Huang, 2007). 
Bottom water oxygen conditions have also been shown to affect the release of DSi from sediments 
in some lacustrine environments, although for other lakes the contrary has been reported 
(Danielsson, 2014; Ekeroth, 2015; Lehtimaki et al., 2016; Nteziryayo and Danielsson, 2018a; 
Ridenour, 2017). The widely accepted mechanism for a dependence of DSi release on bottom 
water oxygenation is the same as that of DP, DSi can be adsorbed by Fe(III) oxyhydroxides 
through ligand exchange and subsequently released when the Fe(III) oxyhydroxides are 
reductively dissolved during anoxic periods (Kaegi et al., 2010; Sung and Morgan, 1980; van der 
Grift et al., 2014; Voegelin et al., 2010). In Chapter 4 of this thesis, the removal of DSi by the 
oxidative precipitation of Fe(II) was simulated at different pH values and in the presence of 
different DP concentrations, and along an oxidative front propagating in agarose columns. The 
results showed that DSi incorporation into the actively forming Fe(III) oxyhydroxides is highly 
dependent on the pH and the concentration of DP, with higher pHs and lower DP concentrations 
and resulting in more incorporation of DSi, and is limited by the slow diffusive transport rate of 
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participating chemicals. Oxygen conditions have also been proposed to affect the dissolution rate 
of biogenic amorphous silica (ASi), with oxic conditions decreasing the bacterial protease-
catalyzed degradation rate of the organic matter surrounding ASi (Bauerfeind and von Bodungen, 
2006; Holstein and Hensen, 2010; Lehtimaki et al., 2016) and/or influencing the availability of 
reactive surface sites on ASi (Chapter 3 of this thesis).  
Up to this point in the thesis, laboratory experiments have been used to study the interactions 
between Si, Fe and P in sediments under changing dissolved oxygen availability. The experiments 
were conducted using synthetic materials under well-controlled conditions and were focused on 
unraveling specific chemical interactions between DSi, DP and/or dissolved Fe(II), and with one 
of the reactive particulate Si endmembers (ASi or Fe-bound Si). Thus, these experiments do not 
necessarily represent the full complexity of processes occurring in natural sediments, where more 
than one reactive particulate Si endmember may be contributing to DSi (im)mobilization, multiple 
geochemical interactions are occurring simultaneously, geochemical conditions are variable in 
space and time, and transport processes are coupled biogeochemical reactions.  
In the present chapter, I investigate the interactions between dissolved Fe(II), DSi and DP, and the 
redox dependence of internal DSi loading in natural sediments by incubating sediments from a 
freshwater marsh in a series of small flow-through column systems. The sediment columns were 
supplied with anoxic inflow solutions containing different combinations of dissolved Fe(II), DSi 
and DP and their outflow concentrations were monitored in a layer of overlying water that was 
variably kept oxygenated or not. I hypothesized that the supply of high level of dissolved Fe(II) 
would lead to significant retention of DSi in sediment columns under oxic conditions, DSi outflow 
would depend on the presence of oxygen in the overlying water, and the supply of DP would 
suppress the redox dependence of DSi outflow. 
5.3 Materials and Methods 
5.3.1 Materials 
The top 10 cm of sediments were collected from the West Pond (43°16’12.0” N 79°55’43.9” W) 
in Cootes Paradise marsh in October 2017 using a stainless steel spade. The sediment was stored 
in a polyethylene sampling bag, in the dark, in a fridge (4.3 °C) prior to use. Cootes Paradise is a 
hypereutrophic marsh within the City of Hamilton with a long history of severe ecological 
degradation. Because of this, various studies have been conducted to better understand the 
influences of nutrient cycling on water quality in the marsh (Chow-Fraser et al., 1998; Thomasen 
and Chow-Fraser, 2012). The West Pond is one of the most eutrophied areas of the marsh and has 
accumulated extensive legacy phosphorus within surficial sediments due to high external 
phosphorus loads from a nearby wastewater treatment plant (Parsons et al 2017). The geochemistry, 
mineralogy and phosphorus speciation of sediment from the West Pond have been characterised 
previously (Parsons, 2017; Ridenour, 2017) allowing for a greater focus on the release mechanisms 










Figure 5.1. Diagram of the flow-through column system (top) and a photo of the experimental set-
up (bottom). Illustrated in the top diagram, from left to right of: deoxygenated influent reservoir 
with a Tedlar bag (5 L, Millipore Sigma) filled with pure N2, a peristaltic pump for maintaining 
the flow rate of 5 mL h-1, the sediment column with overlying water and a top plate with openings 
that remain open during oxic periods and are closed under anoxic conditions, a falcon tube for 
sampling the outflow of overlying water, and compressed air to keep overlying water well 
oxygenated (during oxic periods).   
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5.3.2 Flow-through column experiments 
Ten 12 cm long flow-through reactors, modified after Pallud and Van Cappellen (2006), Ridenour 
(2017) and Sabur (2019), were used. The reactors with a 12 cm length were enclosed on both ends 
by caps lined with an O-ring to prevent leakage of water and gas. A 47 mm diameter 0.2 µm pore-
size polypropylene membrane filter was used to evenly distribute flow across the bottom of the 
columns and to prevent blockage of the inflow port. Two holes, each with 2 cm in diameter, were 
cut into the top cap to allow the exchange of gas. Threaded rods and nuts kept the top and bottom 
caps in place with a tight seal. Before filling the columns, the sediments were passed through a 
<500 µm sieve to remove larger debris and macro-invertebrates. The sediments were then 
thoroughly mixed before use to decrease physical variability between replicate columns. The 
homogenized sediments were introduced into the reactors and kept overnight in a dark 
environmental chamber whose temperature was set at 25±1 °C. Each reactor contained 10 cm of 
sediment and 1 cm of overlying water. The entire experimental set-up is illustrated in Figure 5.1. 
The influent solutions to each reactor consisted of deoxygenated artificial porewater (APW) 
solution, whose composition was based on porewater concentrations at 5 cm depth previously 
measured at the sampling site using peeper’s (Ridenour, 2017; Chris Parsons, unpublished data), 
with different dissolved Fe(II), DP and DSi concentrations (Table 5.1): “APW” without dissolved 
Fe(II), DP and DSi was used as a control, “DSi” was APW with the addition of DSi, “Fe, DSi” 
was APW with the addition of DSi and dissolved Fe(II), “Fe” was APW with the addition of 
dissolved Fe(II), “Fe, P” was APW with the addition of DP and Fe(II), and “P” was APW with the 
addition of DP (Table 5.1). The pH of all of the influent solutions was adjusted to 7.00±0.02 with 
HEPES (4-(2-hydroxyethyl)-1-piperazineethanesulfonic acid) to prevent the precipitation of 
ferrous phosphate minerals and inhibit the oxidation of Fe(II). HEPES was chosen rather than a 
carbonated buffer to avoid the precipitation of Fe(II) carbonate phases.  
In what follows, oxic and anoxic conditions refer to the 1 cm overlying water layer that was either 
sparged with purified air or not, respectively. The top cap of the reactors had two holes having 
diameters of 2 cm. During oxic periods, air was bubbled continuously into the overlying water by 
an air pump through one of the holes to enhance air exchange. Influent solutions were delivered 
through the side port of the bottom caps at a rate of approximately 5 mL h-1 using peristaltic pumps. 
Effluent solutions were collected through a side port at 1 cm from the top of the reactor using a 
peristaltic pump operating at the same rate as that of the influent solution. During anoxic periods, 
the two holes in the end caps were plugged by rubber stoppers and silicone sealant was applied to 
minimize gas exchange. Effluent solutions were then collected with syringes instead of using the 






Table 5.1. Chemical compositions of the various influent solutions used in the flow-through 
column experiments. Bromide, Br- added as KBr was used as non-reactive tracer, Ca2+ 
(CaCl2.2H2O) and Mg2+ (MgCl2) concentrations were chosen to match the chemical composition 
of porewater. HEPES (4-(2-hydroxyethyl)-1-piperazineethanesulfonic acid) was used as pH buffer 
instead of NaHCO3 to avoid the precipitation of Fe(II) carbonate, acetate was used to avoid the 
depletion of organic carbon substance during the incubations, Si (Na2O3Si.9H2O) concentration 
was chosen to enable co-precipitation with Fe(II) and to minimize the effects of amorphous silica 
dissolution in sediment on the DSi release, Fe(II) (FeCl2.4H2O) concentration was designed to 
enable the retention of DSi, and P (NaH2PO4) was added in some columns to assess its effects on 
the release of DSi. APW = artificial porewater. 
Influent composition 
Concentration (µmol L-1) 
APW DSi Fe, DSi Fe Fe, P P 
Br- 125 125 125 125 125 125 
Ca2+ 500 500 500 500 500 500 
Mg2+ 250 250 250 250 250 250 
pH Buffer 1000 1000 1000 1000 1000 1000 
Acetate 100 100 100 100 100 100 
Si 0 430 400 0 0 0 
Fe(II) 0 0 783 776 793 0 




Figure 5.2. Experiment plan with 10 sediment column reactors. “APW” corresponds to artificial 
porewater, “DSi” is APW with the addition of dissolved silicon (DSi), “Fe” is APW with the 
addition of dissolved ferrous iron (Fe(II)), “Fe, DSi” is APW with the addition of dissolved Fe(II) 
and Si, “Fe, P” is APW with the addition of dissolved phosphate (P) and Fe(II), and “P” is APW 
with the addition of DP. Oxic and anoxic represent overlying water with and without dissolved O2, 
respectively. The sediment columns in this figure represent different scenarios: (i) columns 1 and 
2 (DSi) were designed as comparison with the supply of DSi under oxic and anoxic conditions, (ii) 
columns 3 and 4 (Fe, Si co-precipitation) were designed to promote the co-precipitation of Fe(II) 
and DSi, (iii) columns 5 and 6 (DP on co-precipitated Si) were designed to promote the co-
precipitation of Fe(II) and DSi under oxic conditions and to study the effect of DP on the release 
of co-precipitated DSi under oxic and anoxic conditions, (iv) columns 7 and 8 (Si ad/desorption) 
were designed to promote the adsorption of DSi on the surface of newly precipitated Fe(III) 
oxyhydroxides and to study the effect of DP on the desorption of adsorbed DSi, and (iv) column 
9 and 10 (DP on DSi adsorption) were designed to promote the adsorption of DSi on the co-
precipitates of Fe and P. Note that another two columns were flushed with only “APW” throughout 
the incubations as another control.  
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APW was pumped through the column reactors for 1 day to ensure complete porewater saturation 
and uniformity of the initial porewater composition between replicate columns. Starting the next 
day, different influent solutions were supplied: the influent compositions, their duration and the 
overlying water oxygenation are shown in Table 5.1and Figure 5.2. The sampling resolution was 
higher at the beginning of each new stage (3 times per day) and less near the end of the stage (1-2 
times per day).  
Upon completion of the flow-through column experiment, the sediments in the column reactors 
were retrieved, frozen at -20 °C, and sliced into 6 sections (0-0.5, 0.5-1, 1-2, 2-4, 4-6, and 6-10 
cm) using a bandsaw. After freeze-drying, the sediment sections of all columns 1-9 were extracted 
with a buffered ascorbate-citrate solution (BAC) at pH 7.5, and sediment sections of columns 1, 2, 
4 and 5 were extracted with a 1 M NaOH solution. The BAC solution contained 10 g L-1 of ascorbic 
acid (C6H8O6, Sigma, purity ≥98%), 50 g L-1 sodium citrate (Na3C6H5O7, Sigma, purity ≥99%), 
and 50 g L-1 sodium bicarbonate (NaHCO3, Sigma, 99.5-100.5%). This extractant solution has 
been shown to extract the highly reactive solid Fe(III) sediment pool (Hyacinthe and Van 
Cappellen, 2004; Kostka and Luther, 1994). Here, 50 mL BAC solution with a pH of about 7.5 
was added into 60 mL serum bottles containing 25 mg sediment in an anaerobic chamber. The 
serum bottles were sealed with rubber stoppers and transferred to an environmental chamber and 
agitated on a rotating shaker at 30 rpm at 25±1 °C. After 24 hours, the suspensions were filtered 
through 0.2 µm pore-size syringe filters. The supernatant was acidified with HCl to pH < 2 and 
stored in the fridge until analysis. Reactive particulate silica in the sediments was extracted 
following a modified single-point ASi extraction method (Koning et al., 2002; Ohlendorf and 
Sturm, 2008): 10 mL of 1 M NaOH was added to a Teflon liner containing 10 mg of dry sediment. 
These Teflon liners were placed in metal pressure vessels. After placing these vessels in a pre-
heated oven at 100 °C for 3 hours, supernatants were collected and filtered using 0.2 µm pore-size 
syringe filters, acidified with HNO3 and then analyzed for major elements and DSi by ICP-OES. 
The total NaOH extractable Si was corrected for the contribution of silicate mineral dissolution by 
assuming a Si:Al ratio of 2:1 to get the NaOH extractable amorphous silica (ASi) (Ohlendorf and 
Sturm, 2008).  
5.3.3 Analytical methods 
The aqueous samples and solid phase extraction samples collected were filtered through 0.2 µm 
pore-size polypropylene syringe filters, acidified with trace-metal hydrochloric acid to pH < 2 and 
stored at 4 °C until the analysis of major elements and DSi with Inductively Coupled Plasma-
Optical Emission Spectrophotometry (ICP-OES, Thermo Scientific iCAP 6300). Standards were 
prepared from Fisher Scientific stock standards (Thermo Fisher Scientific). Reference solutions 
were prepared with multi element standards (Delta Scientific Laboratory Products Ltd.) and were 
analyzed along with all samples for quality control. The precision of reference samples 
measurement across sample run was better than 10% and the relative standard deviation was well 
within 5%. 2 mL aqueous samples were also filtered through 0.2 µm polythersulfone (PES) syringe 
filters for analysis of major anions (Br-, NO2-, NO3-, and SO42-) with Ion Chromatography (Dionex 
ICS-5000). Detection limits in µM for each anion analysed are given in brackets; Br- (1.2), NO2- 
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(2.1), NO3- (1.5), and SO42- (0.8). Typical precision was <5% RSD and quantified values for 
certified standards were always within 10%. 
5.3.4 Mass balances  
To compare the elemental masses supplied to the sediment columns to those released to the 
overlying water, the following cumulative masses were calculated: 
 
𝑀𝑎𝑠𝑠𝐷






   
 𝑀𝑎𝑠𝑠𝐷
𝐼𝑛𝑓𝑙𝑜𝑤(𝑡) = 𝐶𝐷 ∙ 𝑄 ∙ 𝑡  (5.2) 
where Mass
Outflow 
D (t) is the cumulative mass of dissolved Fe, DSi or DP (µmol) released to the 
overlying water at time t, Mass D(ti) is the mass of dissolved Fe, DSi or DP (µmol) accumulated in 
the overlying water sample collected at time ti (≤ t), and n is the number of samples collected over 
the time interval t, Mass
Inflow 
D (t) is the cumulative mass of dissolved Fe, DSi or DP supplied to the 
sediment columns up to time t, CD is the concentration of dissolved Fe, DSi or DP in the influent 
solutions (µmol L-1), Q is the flow rate at which the influent solution is supplied (5 mL h-1).  
Equations (5.1) and (5.2) were integrated over the oxic and anoxic time intervals. However, 
because these intervals had different durations, the cumulative inflow and outflow masses were 
normalized to the corresponding durations. The net release or retention rate (𝑅𝐷
𝑁𝑒𝑡) during a given 
interval was then computed by subtracting the normalized cumulative inflow masses from the 







where Δt is the duration of oxic or anoxic period, with t = 0 corresponding to the start of the period. 
Negative values of 𝑅𝐷
𝑁𝑒𝑡 indicate net retention of the dissolved element supplied to the sediment 
column, positive values imply net release. The latter implies production of dissolved Fe, DSi or 
DP within the sediment.  
When an experiment with a given column was terminated, the concentrations of BAC extractable 
Fe, Si, P, and NaOH-extractable reactive Si were determined at different depths along the column. 
The final depth distributions were then compared to the initial (homogeneous) concentration 
distributions in order to identify depth intervals of accumulation or depletion of the extractable 
element pools. Furthermore, by integrating the concentrations over the entire length of the column, 
the total masses of the extractable elements were calculated to quantify whole-column 
accumulation or loss of solid-bound Fe, P and Si: 
 




where MassS is the total amounts of BAC extractable Fe, Si, P or NaOH-extractable ASi in the 
sediment columns, CS(j) is the concentration of BAC extractable Fe, Si, P or NaOH-extractable 
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ASi (µmol g-1) at depth j (≤ 10cm), mj is the mass of sediment (g) at depth j. The change rates of 




















S , and Mass
tII 
S  are the total amount of BAC extractable Fe, Si, P or NaOH-
extractable ASi of initial sediment columns (at time zero), sediment columns after oxic incubation 
periods, and sediment columns after the whole incubation experiments (include both oxic and 
anoxic periods), tI is the duration of oxic incubation, tII is the duration of the whole incubation.  
5.4 Results  
5.4.1 Sediment columns: operating conditions 
The transport properties of the sediment columns, pH and dissolved oxygen (DO) conditions in 
the overlying water layers were presented in detail in a previous study (Sabur, 2019) and briefly 
summarized here. The porosity of the sediment was about 0.81. With an inflow rate of 5 mL h-1, 
the non-reactive tracer (Br-) reached 65% of its inflow concentration within about 1 day. The Br- 
breakthrough curves of the different columns were similar (Figure 5.3), indicating column reactors 
were comparable in terms of physical transport.  
The pH of the overlying water layer of all sediment columns had an initial value of 8.50 in all 
columns. This value decreased to 7.60±0.10 within 12 hours of supplying pH 7.0 APW to the 
columns. The pH value remained stable during the oxic periods. However, when the top cap was 
sealed during the anoxic periods, the pH of overlying water decreased to 7.25±0.05.  
Without the continuous air bubbling in the first day of incubation (Step I in Figure 5.2), when open 
to the atmosphere the DO concentration in the overlying water was less than 50% saturation at 
25 °C (Sabur, 2019). With the continuous air sparging (other steps during oxic incubations in 
Figure 5.2), the overlying water was fairly well oxygenated (more than 70% of saturated DO 
concentration at 25 °C). Although the porewater DO profile in the sediment was not monitored, 
the yellowish color of the topmost sediment during the oxic periods indicated that the oxidation 









Figure 5.3. The normalized concentration (Ct/C0) of Br- and DSi measured in the effluents from 
the columns over time (n = 10). Ct is the concentration of Br- or DSi in the effluents at time t, C0 
is the (constant) concentration of Br- or DSi in the influent. Ct of Br- is the average of columns 1, 
2, 3, 4, 5, and 6. Columns 1 and 2 were control columns supplied with “DSi”, columns 3, 4, 5 and 
6 were supplied with “Fe, DSi”. Note that the greater than one Ct/C0 values for DSi imply 
production of DSi in the sediment columns, likely through the dissolution of amorphous silica.  
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5.4.2 Dissolved Fe, P, and Si concentrations: oxic periods 
During the oxic periods, dissolved Fe concentrations in the effluent from all columns remained 
low, often below 1.0 µmol L-1, even though a relatively high concentration of dissolved Fe(II) was 
supplied in the influents for columns 3-10 ( top panels in Figure 5.4 and Figure 5.5). In contrast to 
dissolved Fe, DP concentrations in effluent showed different temporal trajectories between 
different columns. The highest DP concentrations were observed for columns 1 and 2, which were 
supplied with only DSi. In these columns, the DP concentration increased during the first 3 days 
and decreased afterwards, with maximum concentrations close to 190 µmol L-1. Columns 3-10, 
which were supplied with dissolved Fe(II) had lower DP concentrations, in the range of 5-100 
µmol L-1. Overall, DP concentrations in the effluent of most columns progressively decreased with 
time within the first 9 days of (oxic) incubation. In columns 6 and 8, DP concentrations in effluent 
increased with time after 9 days of aeration, because DP was supplied in the influent, while oxic 
conditions were continued for another 12 days (middle panel in Figure 5.5).  
Columns 7, 8, 9, and 10, which did not receive DSi-containing influents during the first half of the 
oxic period, exhibited relatively low DSi concentrations of around 250 µmol L-1 at equilibrium. 
Columns 1, 2, 3, 4, 5 and 6 that were supplied with DSi throughout their oxic periods had similar 
high DSi concentrations of around 500 µmol L-1, that was higher than the influent DSi 
concentration, implying a production of DSi inside the sediment column. This can be seen in 
Figure 5.3 where the normalized DSi concentration (Ct/C0, where Ct is the effluent concentration 
of DSi at time t, and C0 is the concentration of DSi in the influent) are shown as a function of time. 
The normalized DSi concentrations peaked around the same time as those of Br-, but their 
maximum value was around 1.2 as opposed to that of 1.0 for the non-reactive Br- tracer. Figure 5.3 
also shows that the simultaneous supply of dissolved Fe(II) (columns 3, 4, 5 and 6) or not (columns 



















Figure 5.4. Concentration of dissolved Fe, P, and Si in the overlying water of columns 2, 4 and 10 
as a function of time. White portions in the panels correspond to time period of oxic conditions, 
grey portions correspond to time period of anoxic conditions. Column 2 was supplied with “DSi” 
for 9 days under oxic conditions; column 4 (refers to the average value of columns 3 and 4) were 
supplied with “Fe, DSi” for 9 days under oxic conditions; column 10 was firstly supplied with “Fe, 
P” for 6 days, and then with “DSi” for 3 days under oxic conditions. When switching to anoxic 
















Figure 5.5. Concentration of dissolved Fe, Si and P in the overlying waters of columns 6 and 8 as 
a function of time. White portions in the panels correspond to the time period of oxic conditions, 
grey portions correspond to time period of anoxic conditions. Column 6 was firstly supplied with 
“Fe, DSi” for 9 days, and then with “P” for 12 days under oxic conditions; column 8 was firstly 
supplied with “Fe” for 6 days, then with “DSi” for 3 days, and finally with “P” for 12 days under 
oxic conditions. The influent to all columns was switched to “P” during anoxic incubations.  
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5.4.3 Dissolved Fe, P, and Si concentrations: anoxic periods 
After 9 days of aeration, the holes in the caps of columns 2, 4 and 10 were closed to allow for the 
establishment of anoxic conditions in the overlying water layer. At the same time, the influents to 
these columns were switched to “DSi”, that is, de-oxygenated APW with DSi added (Figure 5.2 
and Table 5.1). Effluent dissolved Fe and DP concentrations started to increase about 1.5 days 
after closing the sediment columns. The maximum concentrations of dissolved Fe and DP were 
reached after about 4 days of anoxic conditions and progressively decreased afterwards. The 
highest dissolved Fe concentrations were observed for those columns that had previously (i.e., 
during the oxic period) been supplied by Fe-containing influent (columns 4 and 10, with an average 
of 193±26 and 149±30 µM, respectively), and the highest effluent DP concentrations for the 
column that had received P-containing influent (column 10, with an average of 161±29 µM).  
Unlike DP and dissolved Fe, the effluent DSi concentration did not show a marked increase after 
the oxic to anoxic transition. Additionally, no significant differences in the effluent DSi were 
observed between columns 2, 4 and 10 (bottom panel in Figure 5.4). Over the entire duration of 
the anoxic period, the effluent DSi concentrations remained fairly constant, but in excess to the 
influent concentrations supplied to the three columns.  
The oxic periods of columns 6 and 8 lasted 21 days, upon which the influent solutions were 
switched to “P”, that is, de-oxygenated APW with the addition of DP (Figure 5.2). In both columns, 
effluent dissolved Fe and DP increased approximately 4 days after aeration was terminated. The 
DSi concentrations released by columns 6 and 8, however, did not show a systematic change when 
the overlying water transitioned from oxic to anoxic (grey panels in Figure 5.5). 
5.4.4 Net release/retention rates of dissolved Fe, P and Si 
Column 2 and the control column received no dissolved Fe(II) and showed little Fe release during 
their oxic incubation periods. However, during the anoxic period, the net release rate of Fe from 
these two columns was more than 7 µmol day-1 to the overlying water (Figure 5.6). In columns 4, 
6, 8 and 10, which were supplied with dissolved Fe(II) during their oxic periods, net Fe retention 
rates varied from 28 to 83 µmol day-1. During the anoxic periods, the net release rate of dissolved 
Fe from these columns amounted to 5-15 µmol day-1. This implied net retention of Fe in the 
columns over the entire duration of the experiment.  
Columns 2 and 4 and the control column were not supplied with influent DP, yet they released DP 
during both the oxic and anoxic periods. For columns 6 and 8, which were supplied with DP, net 
retention of P occurred during both oxic and anoxic periods. For column 10, which also received 
DP during the oxic period, net retention was observed during the oxic period, while net release 
was observed during the anoxic period.    
Net DSi release was observed for all the columns under both oxic and anoxic conditions. The net 
release rate from control column was more than 5 times of that from columns 2, 4 and 10. Columns 
2, 4 and 10 experienced the same durations of oxic and anoxic incubation as the control column, 








Figure 5.6. Net release rates of Fe, DSi, and DP to the overlying water under oxic and anoxic 
conditions. Positive values (+) indicate the net release of the dissolved elements to the overlying 
water, negative values (-) indicate the net retention of dissolved elements supplied by the influent 
solutions. Column 2 was supplied with “DSi” for around 9 days under oxic conditions; column 4 
was supplied with “Fe, DSi” for around 9 days under oxic conditions (the value in the figure is the 
average of column 7 and 8); column 10 was firstly supplied with “Fe, P” for around 6 days, and 
then with “DSi” for 3 days under oxic conditions. The influent to columns 2, 7, 8 and 9 was 
switched to “DSi” under anoxic conditions. Column 6 was firstly supplied with “Fe, DSi” for 
around 9 days, and then with “P” for around 9 days under oxic conditions; column 8 was firstly 
supplied with “Fe” for around 6 days, then with “DSi” for around 3 days, and finally with “P” for 
around 9 days under oxic conditions. The influent to columns 6 and 8 was switched to “P” under 
anoxic conditions. Control column was flushed with “APW” only throughout the experiment (data 
from Sabur, 2019). Columns 2, 4, 10 and control columns were incubated under anoxic conditions 
for 32 days. Columns 6 and 8 were incubated under anoxic conditions for 23 days.  
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conditions for 20 days but without the addition of DSi in the influent solution. The net release rate 
of DSi from columns 6 and 8 under anoxic conditions was around 30 µmol day-1, close to that 
from the control column during the same incubation period.  
5.4.5 Solid phase characterization 
The buffered ascorbate-citrate solution (BAC) extractable Fe concentration of the initial 
homogenized sediment was 143 µmol g-1. The BAC extractable Fe concentrations decreased in all 
the columns over the course of the experiment, although dissolved Fe(II) was supplied to some 
columns (Table 5.2, Figure 5.7 and Figure 5.8). Sediments supplied with influent solutions 
containing dissolved Fe(II) during the oxic periods (columns 3-9) had more BAC extractable Fe 
than sediments in columns without Fe addition (columns 1 and 2). Nonetheless, even columns 3-
9 had lower BAC extractable Fe concentrations than the initial sediment by the end of the 
incubation. The vertical distributions of BAC extractable Fe showed that the topmost sediment 
layers (defined here as the top 1 cm) became enriched in BAC extractable Fe compared to the 
deeper sediments in all the columns during oxic periods (top panels in Figure 5.7 and Figure 5.8).  
BAC extractable P concentrations were between 25 and 37 µmol g-1, and correlated positively with 
BAC extractable Fe (r2 = 0.47, p < 0.05, Table 5.2). The vertical distribution pattern of BAC 
extractable P was similar to that of BAC extractable Fe (Figure 5.7 and Figure 5.8), showing net 
enrichments in the upper 1 cm of sediment during oxic periods. BAC extractable Si in sediment of 
different columns was 34.3±3.0 µmol g-1 and did not show any correlations with BAC extractable 
Fe (r2 = 0.14, p > 0.05, Table 5.2, Figure 5.7 and Figure 5.8).  
The initial sediment contained 310 µmol g-1 of NaOH extractable Si. After 9 days of oxic 
incubation, NaOH extractable Si from the sediment in column 1 decreased to 280±19 µmol g-1. 
Column 3, which was supplied with dissolved Fe(II) and DSi during the oxic incubation period, 
contained 329±19 µmol g-1 NaOH extractable Si in the sediment after the end of the whole 
experiment, which was around 10 times greater than the BAC extractable Si. Additionally, 
gathering all the data of NaOH extractable Si from columns 1, 2, 4 and 5 indicated that the Si 
concentrations correlated positively with the NaOH extractable Al and Fe concentrations (Figure 
D.2). After correcting for the contribution of silicate minerals, NaOH extractable ASi was 20% of 
the total NaOH extractable Si (rightmost panels in Figure 5.7 and Figure 5.8). NaOH extractable 
ASi seemed to be evenly distributed in the columns. Columns 4 and 5, which were supplied with 
dissolved Fe(II) and DSi had a higher NaOH extractable ASi concentrations than the initial 










Table 5.2. Concentrations of buffered ascorbate-citrate (BAC) extractable Fe, Si and P, and 1 M 
NaOH extractable Si. Sediment columns were flushed with different influents and sacrificed after 
oxic cycle or anoxic cycle. Note that the masses of dry sediment in the different columns were 






extractable (µmol g-1) 
1 M NaOH 
extractable (µmol 
g-1) 
    Oxic Anoxic Fe Si P Al Si 
Initial 
sediment 
-- -- -- 
141.3 39.4 37.4 127.2 310.4 
Column1 Oxic DSi, 9d -- 98.2 30.3 31.8 112.7 282.1 
Column2 Anoxic DSi, 9d DSi 88.3 32.4 25.1 105.5 259.6 
Column3 Anoxic Fe, DSi, 9d DSi 104.3 35.6 30.0 -- -- 
Column4 Anoxic Fe, DSi, 9d DSi 106.9 36.0 27.8 143.5 359.1 
Column5 Oxic Fe, DSi, 9d -- 110.4 32.4 35.0 132.0 332.4 
Column6 Anoxic Fe, DSi→ P, 21d DP 114.4 32.4 35.4 -- -- 
Column7 Oxic Fe→DSi, 9d -- 115.5 31.2 33.6 -- -- 
Column8 Anoxic Fe→DSi→P, 21d DP 112.0 37.7 37.4 -- -- 
Column 9 Oxic Fe, P→DSi, 9d -- 111.1 33.3 34.6 -- -- 


















Figure 5.7. Vertical distributions of buffered ascorbate-citrate (BAC) extractable Fe, Si and P, and 
NaOH extractable ASi. The top panels show results of column 1 (supplied with “DSi”, and was 
sacrificed after the oxic period, i.e., 9 days), the bottom panels show results of column 2 (supplied 
with “DSi”, and sacrificed after anoxic period, i.e., 32 days after anoxic cycle). Solid lines 
represent the concentrations of 1 M NaOH extractable ASi in initial sediment prior to the supply 
of influent solutions. Dashed lines represent the concentrations of BAC extractable Fe, Si and P in 
initial sediment prior to supplying influent solutions. Note that NaOH extractable ASi was 20% of 











Figure 5.8. Vertical distributions of buffered ascorbate-citrate (BAC) extractable Fe, Si and P, and 
NaOH extractable Si. The top panels show results of column 5 (supplied with “Fe, DSi”, and was 
sacrificed after oxic period, i.e., 9 days), the bottom panels show results of column 4 (supplied 
with “Fe, DSi” under oxic conditions for 9 days and “DSi” under anoxic conditions for 32 days, 
and was sacrificed after anoxic period). Solid lines represent the concentrations of NaOH 
extractable ASi in the initial sediment prior to use. Dashed lines represent the concentrations of 
BAC extractable Fe, Si, and P in the initial sediment prior to use. Note that NaOH extractable ASi 





5.4.6 Mass balance between aqueous and solid phases 
The change rates of dissolved and extractable Fe, Si and P of columns 2 (control column supplied 
with DSi) and 4 (column that studied the effect of Fe and Si co-precipitation on DSi 
(im)mobilization) were calculated for oxic and anoxic periods using Equations (5.3, 5.5 and 5.6) 
(Figure 5.9 and Figure 5.10). During oxic periods, BAC extractable Fe in column 2 decreased with 
a rate of 280 µmol day-1, while there was no dissolved Fe released. BAC extractable Fe in column 
4 decreased with a rate of 202 µmol day-1, which was 78 µmol day-1 smaller than that of column 
2, as column 4 retained Fe(II) supplied in influent with an rate of 83 µmol day-1. During anoxic 
periods, the loss rates of BAC extractable Fe from columns 2 and 4 were 6 and 2 times, respectively, 
faster than the release rate of dissolved Fe from columns 2 and 4. The loss rate of BAC extractable 
P was around 2 times faster than the release rate of DP from columns 2 and 4 during both oxic and 
anoxic periods. 
BAC extractable Si showed much faster loss rates during oxic periods than that during anoxic 
periods from columns 2 and 4, while the release rates of DSi from both columns were not altered 
by oxygen conditions. In contrast, the loss rate of NaOH extractable ASi during oxic period was 
slightly faster than that during anoxic periods from column 2. In column 2, the NaOH extractable 
ASi loss rates were more than 2.5 times faster than the DSi release rate from column 2. Unlike 
column 2, in column 4, NaOH extractable ASi increased at a rate of 29 µmol day-1 during its oxic 
incubation period, while the NaOH extractable ASi loss rate during anoxic periods was close to 
the DSi release rate (Figure 5.9 and Figure 5.10).  
The DSi release rates calculated for the control columns were used to represent the internal DSi 
production rates in all of the columns, although the NaOH extractable ASi in the control columns 
was not measured. DSi concentrations in the overlying water of the control columns, which were 
supplied with only APW, decreased from their initial concentration of around 375 µM to around 
250 µM within 4 days of incubation and remained stable until the end of the incubation experiment 
(Figure D.1). If the DSi at steady-state was all produced from ASi dissolution, the dissolution rate 
of biogenic ASi in sediment columns, R (µmol day-1), can be expressed by: 
 R = ([𝐷𝑆𝑖]𝑜𝑢𝑡 − [𝐷𝑆𝑖]𝑖𝑛) ∙ 𝑄 (5.7) 
where [DSi]out and [DSi]in are the concentrations of DSi in effluent and influent (µM), respectively, 
Q is the volumetric flow rate through the column (i.e., 5 mL h-1). Therefore, the loss rate of ASi 
from the control columns was around 30 µmol day-1, which is smaller than the DSi release rate in 









Figure 5.9. Release rate of dissolved Fe, Si and P from column 2 (open columns), and change rate 
of buffered ascorbate-citrate (BAC) extractable Fe, Si and P, and 1 M NaOH extractable ASi (solid 
columns) in columns 2 after oxic and anoxic incubation periods. Columns 2 was firstly supplied 
with “DSi” for around 9 days under oxic conditions, and then supplied with “DSi” for around 32 
days under anoxic conditions. Note that the change rate of solid phase during oxic periods was 
calculated from column 1 that had the same treatment as column 2 but was sacrificed at the end of 




Figure 5.10. Release rate of dissolved Fe, Si and P from column 4 (open columns), and change 
rate of buffered ascorbate-citrate (BAC) extractable Fe, Si and P, and 1 M NaOH extractable ASi 
(solid columns) in column 4 after oxic and anoxic incubation periods. Column 4 was firstly 
supplied with “Fe, DSi” for around 9 days under oxic conditions, and then supplied with “DSi” 
for around 32 days under anoxic conditions. Note that the change rate of solid phase during oxic 
periods was calculated from column 5 that had the same treatment as column 4 but was sacrificed 




Chapter 4 of this thesis demonstrated that molecular diffusion limits the co-precipitation kinetics 
of Si and Fe in heterogeneous agarose columns, leading to the minor immobilization of DSi during 
the oxidative precipitation of Fe under oxic conditions. Natural sediments were used in this chapter 
to represent the complexity of processes occurring in nature. Transport processes were accelerated 
by pumping influent solution containing different combinations of dissolved Fe(II), DSi and DP, 
aiming to extenuate the effects of differing oxygen conditions on the (im)mobilization of DSi. The 
results show that Fe(II) and DP supplied in the influent solutions were effectively retained in the 
sediments when an oxic sediment-water interface was present. The oxygen dependence of 
dissolved Fe and DP released from sediments is consistent with that observed in previous studies 
(Gächter and Mülle, 2003; Gachter and Muller, 2003; Jensen et al., 1992; Mortimer, 1941; Parsons 
et al., 2017; Ridenour, 2017; Sabur, 2019; Zhang and Huang, 2007). In contrast to dissolved Fe(II) 
and DP, there was little evidence of DSi retention during oxic periods, despite the fact that 
dissolved Fe(II) was supplied in the influent solutions, which is different from our hypothesis. In 
addition, no changes were observed in the DSi efflux upon switching to anoxic overlying water. 
In this section, I discuss the dominant mechanisms that may control the response of the release 
dynamics of dissolved Fe, DP and DSi to oxygen conditions. 
5.5.1 Oxygen dependence of dissolved Fe release from flow-through columns 
The sediment column acted as a sink of dissolved Fe when oxic conditions prevailed at the 
sediment-water interface, retaining all the dissolved Fe(II) supplied to, as well as any produced 
within, the sediment columns (Figure 5.4, Figure 5.5 and Figure 5.6). The enrichment of Fe(III) 
oxyhydroxides in the uppermost sediment indicates that the oxidative precipitation of Fe(II) 
contributes to the retention of Fe in sediment under the oxic water layer. Under anoxic conditions, 
substantial release of dissolved Fe to the anoxic overlying waters was observed for all columns. 
This is partly due to that the reductive dissolution of Fe(III) oxyhydroxides which accumulated in 
the uppermost sediment under oxic conditions (Lovley, 1997; Parsons et al., 2017; Sabur, 2019). 
Fe(II) produced by the reductive dissolution of ferric minerals and the dissolution of ferrous 
mineral in the anoxic zone of sediment columns, if not precipitated as secondary iron mineral 
phases, can be released to the anoxic overlying water (Gächter and Mülle, 2003). 
The dramatic loss of BAC extractable Fe during oxic periods could be due to the reductive 
dissolution of Fe(III) oxyhydroxides formed during homogenization of the sediment prior to the 
experimental period. Homogenization of the sediment was conducted under oxic conditions and 
would have resulted in uniformly oxidized sediments. Conditions below the zone of oxygen 
penetration within the columns would have rapidly become anoxic during the experimental period. 
Fe(II) released via reductive dissolution of these Fe(III) oxyhydroxides within the columns could 
react with S2-, HPO42-/ H2PO4- or HCO3- to form secondary, authigenic ferrous iron mineral phases 
which may not be extracted by the BAC extractant (Cornell et al., 1987; Gehin et al., 2007; 
Hyacinthe and Van Cappellen, 2004; Jensen et al., 2002; Jones et al., 2009; Kostka and Luther, 
1994; Voegelin et al., 2010). The transformation of reactive Fe(III) oxyhydroxides to more 
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crystalline phases with time could be another reason leading to the rapid decrease of BAC 
extractable Fe during the initial days of the experiment, which coincided with the oxic conditions 
at the sediment-water interface (Rzepa et al., 2016; Scharer et al., 2009; Swedlund et al., 2010; 
Thompson et al., 2006; Yee et al., 2006). It should be clarified that the sediment columns were 
flushed with anoxic APW for one day before starting the experiment (Step 1 in Figure 5.2). During 
the first day of incubations, the overlying waters in all columns were not sparged with air. 
Therefore, dissolved Fe released via the reductive dissolution of Fe(III) oxyhydroxides in the 
anoxic zone of the sediment columns may have been exported from the columns during this time, 
which would account for the significant decrease in BAC extractable Fe. However, the amounts 
of dissolved Fe released during the first day of incubation were not monitored.  
5.5.2 Oxygen dependence of DP release from flow-through columns 
Measurable DP effluxes were detected under oxic conditions in all columns, although varying 
amounts of Fe(II) were pumped through the sediment column. Firstly, organic bound P is usually 
the most abundant soluble P endmember in organic matter-enriched surficial sediments (Parsons 
et at., 2017; Sabur, 2019). The microbial degradation of organic matter, in combination with the 
reductive dissolution of Fe(III) with co-precipitated P in the anoxic zone of the sediment column, 
could lead to considerable internal DP production (Parsons et al., 2017; Ridenour, 2017). In the 
case of this study, if not retained in the thin oxic zone at the sediment-water interface, sediment 
columns released dissolved Fe and DP at a constant rate of 5.0±1.0 and 4.4±0.8 µmol day-1, 
respectively. The DP:Fe(II) ratio from internal production therefore exceeds the maximum molar 
stoichiometric P:Fe ratio in ferric phosphate, i.e., 0.5 (Gächter and Mülle, 2003; Thibault et al., 
2009) which is typically the dominant mechanism for DP immobilization, and DP escapes from 
the oxic sediment surface. Secondly, Fe(II) supplied to sediment columns should have been 
sufficient to retain all DP produced in the column. However, the retention of Fe(II) in the anoxic 
zone through precipitation of ferrous mineral phases and adsorption to the surfaces may have 
decreased the amount of Fe(II) to actually reach the oxic zone at the surface of the sediment 
columns. Consequently, the active precipitation of Fe(III) oxyhydroxides in the uppermost 
sediment under the oxic water layer was unable to retain all the DP supplied to, as well as produced 
within, the sediment columns. Under anoxic conditions, the DP released was enhanced 
significantly and DP efflux dynamics were similar to those of Fe(II). This is likely due the 
reductive dissolution of Fe(III) oxyhydroxides leading to the release of Fe(III)-bound P under 
anoxic conditions (Gächter and Mülle, 2003; Gachter and Muller, 2003; Katsev et al., 2006; Orihel 
et al., 2017; Parsons et al., 2017; Sabur, 2019; Smolders et al., 2017; Sondergaard et al., 2003; Van 
der Molen and Boers, 1994).  
The discrepancy between loss rates of BAC extractable P and release rates of DP indicates the 
redistribution of DP released from reductive dissolution of Fe(III) oxyhydroxides into other 
sedimentary pools, e.g., re-adsorption to the Al oxides and carbonate minerals, precipitation as 
vivianite (Connell et al., 2015; Gächter and Müller, 2003; Orihel et al., 2017; Rothe et al., 2014; 
Parsons et al., 2017) and/or precipitation as carbonate fluorapatite (Orihel et al., 2017).  
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5.5.3 Oxygen dependence of DSi release from flow-through reactors 
DSi released from the sediments did not shown a clear dependence on overlying water oxygen 
concentrations in any of the columns, regardless of the concentration of DSi, DP, and dissolved Fe 
in the artificial porewater solutions that they were supplied, which was different from our 
hypothesis. Below, I discuss the mechanisms that may have been responsible for this lack of 
oxygen dependence by considering the roles of two reactive particulate Si endmembers, ASi and 
Fe-bound Si, to the DSi efflux under oxic and anoxic conditions. I then go on to compare these 
results to the findings of other studies that have or have not shown a clear dependence of DSi 
effluxes on oxygen conditions and discuss the implications for understanding DSi loading. 
5.5.3.1 Contribution to DSi release dynamics by amorphous silica (ASi)  
Amorphous silica (ASi) is one of the dominant reactive particulate Si endmembers in natural 
sediments (Aston, 1983; Hurd, 1973; Koning et al., 2002; Laruelle et al., 2009; Maavara et al., 
2014). If all DSi released from the sediment columns in this study were attributed to ASi 
dissolution, the corresponding ASi dissolution rates would be 7 (with DSi in influent) to 40 
(without DSi in influent) µmol day-1. This is within the range of dissolution rates of 0.5 to 80 µmol 
day-1 observed for different ASi materials in a previous study (Loucaides et al., 2008). Therefore, 
the dissolution of ASi materials in the columns is able to explain most of the DSi released. This 
mechanism has been proposed in previous studies (Lehtimaki et al., 2016; Tallberg et al., 2013). 
However, the contribution of other reactive particulate Si endmembers to DSi release can not be 
excluded. For example, the relatively fast release rate of DSi from the control columns (APW) 
during the first 4 days of incubation could be attributed to the desorption of loosely adsorbed and 
Fe-bound (Sauer et al., 2006; Tallberg et al., 2009).  
The dissolution kinetics of ASi have been reported to depend on oxygen conditions in previous 
studies. The proposed mechanism is that the microbially mediated dissolution of diatom detritus 
in sediments can be enhanced under hypoxic conditions by changing the composition of bacterial 
community (Lehtimaki et al., 2016; Villnas et al., 2012). Oxygen conditions at the sediment-water 
interface did not drastically affect the measured rate of NaOH extractable ASi loss from sediment 
during the incubation experiment, i.e., the dissolution kinetics of ASi, in column 2 (control column 
supplied with DSi) (Figure 5.9), which was consistent with the independent release of DSi on 
oxygen conditions. This is likely because oxygen conditions in the experimental columns only 
varied within approximately the uppermost 1 cm of sediment and therefore only the sediments in 
this zone would be subject to oxygen dependent differences in the dissolution kinetics of ASi, i.e., 
ASi in sediments below the oxidation front (which is located around 1 cm below the sediment 
surface) were subjected to anoxic conditions throughout the incubation regardless of the conditions 
at the sediment-water interface. Therefore, the effect of oxygen conditions on the release of DSi 
from ASi dissolution in the experiments may be minor, especially as there was no deposition of 
fresh ASi during experiment. 
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The supply of Fe(II) via inflow solution increased the concentration of NaOH extractable Si in 
column 4 (left panel in Figure 5.10). It has been proposed that DSi can form amorphous aggregates 
with Fe, P and Al in subsurface sediments even at low concentrations which below the 
concentration required to cause supersaturation with respect to ferrous silicate (Tosca et al., 2016; 
Wang et al., 2013b). The physiochemical properties of such aggregates and their roles on the 
release of DSi from sediment require further study. Additionally, the supply of Fe(II) under oxic 
conditions seemed to decrease the loss rates of ASi in sediment column. This could be due to Fe(II) 
adsorption to the surface of ASi via the formation of bidentate surface complexes. The adsorption 
of trace amounts of Fe(II) that preferentially occupy more reactive doubly coordinated surface 
sites has been shown to inhibit ASi dissolution effectively (see details in Chapter 3).  
5.5.3.2 Contribution to DSi release dynamics by Fe(III) oxyhydroxides 
The porewater compositions supplied to multiple columns were designed to study the different 
effects of co-precipitation during Fe(II) oxidation (columns 3, 4, 5 and 6) versus surface adsorption 
of DSi by Fe(III) oxyhydroxides (columns 7, 8, 9 and 10) on DSi (im)mobilization. DSi retention 
in the sediment columns was not altered significantly in either scenario compared to the columns 
which were supplied with only DSi (columns 1 and 2). One possible explanation for the lack of an 
observable effect of Fe(II) additions on DSi retention is that Fe(II) supplied to the columns was 
retained in the columns’ anoxic zone. Fe(II) retention in the columns’ anoxic zone would limit the 
Fe reaching the oxic zone that would be available for DSi co-precipitation reaching oxic zone (see 
details in 5.5.1). Other than Fe(II) removal processes in the anoxic zone discussed above, one 
previous study has also shown that Fe may form amorphous aggregates with Si, P and Al in 
subsurface sediments even at low concentrations (Wang et al., 2013b). This is supported by the 
linear relationships between NaOH extractable Si and Fe, and Si and Al (Figure D.2).  
More likely, the reason for this lack of clear observable differences between columns due to the 
formation of Fe-bound Si is that the internal production of DP from the sediments (see details in 
5.5.2) may compete with DSi for complexing with Fe(II) and/or adsorbing to Fe(III) 
oxyhydroxides during the oxidative precipitation of Fe(II). As is shown in Chapter 4, DSi 
immobilization during Fe(II) oxidation occurs by two pathways: DSi is either removed by direct 
co-precipitation with Fe(II) during the oxidation of Fe(II)-DSi complexes, or by adsorption to 
Fe(III) oxyhydroxides formed by Fe(II) oxidation. At near-neutral pH values, DP limits the 
removal of DSi via both of these pathways by successfully outcompeting DSi for complexation 
with aqueous Fe(II) and for sorption to surface sites of Fe(III) oxyhydroxides. In Chapter 4, I 
demonstrated that DSi will be barely immobilized via co-precipitation with Fe unless a low DP 
concentration threshold is reached at near-neutral pH (below ~ 10 µM). By comparing DSi and 
DP concentrations in the oxic effluents to results in Chapter 4, it can be seen that DP in the effluents 
of all the flow-through columns had such a high DP concentration that DSi incorporation into 











Figure 5.11. Concentrations of dissolved phosphate (P) and silicon (Si) in column effluents under 
oxic conditions (n = 6, data points between 4 and 6.3 days). Open triangles and circles are data 
points sorted from the co-precipitation of Fe(II), Si, and P with an initial Fe(II) concentration of 
300 µM (refer to Chapter 4). Dissolved P and Si concentrations in effluents from different sediment 
columns with different chemical compositions of influents: Control columns were flushed with 
“APW”, column 1 and 2 were flushed with “DSi”, column 5 and 6 were flushed with “Fe”, columns 
7 and 8 were flushed with “Fe, DSi”, column 9 and 10 were flushed with “Fe, P”. Control column 
was flushed with “APW” only throughout the experiment (data from Sabur, 2019).  
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5.5.4 Implications for internal DSi loading 
Our results show that the release of DSi from sediment does not necessary show dependency on 
oxygen conditions, which is consistent with observations from previous studies (Table 1.1). The 
dominant mechanisms accounting for DSi release included in this chapter are (i) ASi dissolution 
and (ii) oxidative precipitation and/or reductive dissolution of Fe(III)-bound Si. The relative 
contributions of these two endmembers can lead to different responses of internal DSi loading to 
variations in oxygen conditions at the sediment-water interface.  
The first step to assess the likely effect of oxygen conditions at the sediment-water interface on 
internal DSi loading would be to determine the speciation of reactive particulate Si (RPSi) in 
surface sediments. If ASi is the predominant RPSi endmember in sediments, dissolution of ASi 
will likely control the release rate of DSi from sediment so that the effects of iron minerals will 
likely be negligible. Although not investigated in this study, anoxic/hypoxic conditions have been 
shown to enhance the dissolution kinetics of diatom detritus by changing the benthic microbial 
community and activities (Lehtimaki et al., 2016; Villnas et al., 2012). Physicochemical properties 
of ASi materials in natural sediments, including their sources and age need to be well characterized 
to assess the response of ASi dissolution kinetics to oxygen conditions.  
If not retained by subsequent biogeochemical processes in surface sediments, DSi released from 
ASi dissolution will be diluted quickly into overlying waters. Otherwise, DSi released from ASi 
dissolution can adsorb to iron minerals and/or co-precipitate with Fe(III) during the oxidative 
precipitation of Fe(II) (Gehlen and Van Raaphorst, 2002; Hansen et al., 1994; Kandori et al., 1992; 
Kinsela et al., 2016; Sabur, 2019; Swedlund et al., 2010), leading to the immobilization of DSi in 
oxic surface sediments. Substantial retention of DSi occurs only if Fe concentration, including 
solid iron minerals and aqueous Fe(II), are high and the concentrations of competing anions, 
notably DP, are low (left scenario, Figure 5.12). The ability of iron minerals to immobilize DSi 
decreases with increasing DP concentration (see details in Chapter 4), as DP outcompetes DSi for 
sorption sites of iron minerals in the oxic surface sediment. After being buried, reductive 
dissolution of iron minerals leads to the accumulation of DP and dissolved Fe(II) in porewater. 
When the solubility product is exceeded, ferrous phosphate (e.g., vivianite) precipitates, which 
consequently decreases (i) the amount of Fe(II) available to diffuse upward to the oxic zone and 









Figure 5.12. Proposed interactions between Si, P and Fe in iron minerals which control the DSi 
effluxes from freshwater sediments overlain by oxygenated bottom waters. Left-hand side: High 
availability of reactive Fe and low porewater DP concentrations result in lower DSi efflux to 
overlting water compared to concentrations in anoxic sediment porewater; Right-hand side: 
Reduced ability of Fe(III) oxyhydroxides to retain DSi when high DP concentrations outcompete 
DSi for sorption sites on Fe(III) oxyhydroxides, and higher DSi efflux to overlying water compared 
to conditions with lower DP concentrations illustrated on the left-hand side.   
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The dominant biogeochemical processes that may be sensitive to oxygen conditions in surface 
sediments are described in this section. A general conclusion on the dependence of internal DSi 
loading on oxygen conditions at the sediment-water interface cannot be given, because natural 
freshwater systems are far more complex than is discussed above. For example, the decrease in 
pH that usually accompanies with transition from oxic to anoxic conditions can decrease ASi 
dissolution rates but limit DSi immobilization by co-precipitation. The relative magnitudes of these 
two processes determines the direction of the redox dependence of DSi release. In combination 
with interactions with environmental factors and different feedback loops, the biogeochemical 
processes described above provide a general framework for assessing the effect of oxygen 
conditions on internal DSi loading from sediment. 
5.6 Conclusions  
To investigate the interactions between Fe(II), DSi and DP, and their contribution to the redox 
dependence of internal DSi loading in natural sediments, I incubated surficial sediments from the 
open water area of a freshwater marsh in flow-through column systems. These experiments were 
considerably more complex than those conducted in previous chapters due, in part, to the presence 
of both Fe bound Si and other reactive Si endmembers. Anoxic solutions containing variable 
concentrations of Fe(II), DSi and DP were pumped upward through 10 parallel flow-through 
columns. During oxic incubation, when the overlying water was aerated, the sediment column 
acted as a sink of Fe under oxic conditions, retaining all the dissolved Fe(II) supplied to, as well 
as produced within, the sediment columns. When the overlying water became anoxic, efflux of 
Fe(II) from the columns was observed. However, a smaller amount of Fe was released than was 
retained under oxic conditions. This indicates that Fe(II) was also likely retained via the formation 
of ferrous minerals and/or adsorption to mineral surfaces when passing through the anoxic zone of 
the columns. The DP retention and efflux dynamics were similar to those of Fe(II), although even 
under oxic conditions measurable DP efflux was detected. This implies that a strong coupling of 
Fe and P cycling and that the active precipitation of Fe(III) oxyhydroxides was effective at 
retaining DP. However, DP can escape from the oxic sediment surface when DP concentrations in 
porewaters exceed the capacity of Fe(III) oxyhydroxides. In contrast to Fe(II) and DP, there was 
little evidence of DSi retention during oxic periods. In addition, no changes were observed in the 
DSi efflux upon switching to anoxic overlying water, indicating a decoupling of the Fe and Si 
cycles. This net and constant release of DSi is likely due to ASi dissolution under both oxic and 
anoxic conditions. Overall, the results with the natural sediment confirm that the presence of high 
DP levels inhibit the co-precipitation and adsorption of DSi, hence preventing DSi retention in 
sediments under oxic overlying water. I conclude that the relative production rates of porewater 
DP and DSi likely represents the major control on the redox dependence of internal Si loading in 
freshwater systems, assuming that reactive Fe is present in sediments. Increased DP loads and 
concentrations in natural freshwater may actually enhance the mobilization of DSi released from 
ASi dissolution in sediments, leading to increased internal DSi loading.  
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Chapter 6                                                                                
Conclusions and Perspectives 
6.1 Conclusions 
In this thesis, I used controlled laboratory experiments to unravel the roles of different reaction 
pathways in controlling the immobilization and release of dissolved silicon (DSi) in freshwater 
environments. To do this, I built experimental systems of increasing complexity: I started with 
simple synthetic reaction systems consisting of amorphous silica (ASi) suspended in electrolyte 
solution, and progressively included additional components, specifically iron (Fe) and phosphorus 
(P), in order to mimic more realistic biogeochemical reaction networks. Ultimately, I performed 
experiments with real freshwater sediments. In each synthetic reaction system experiment, I 
focused on the reactivity of one of two major reactive particulate Si endmembers: ASi and Fe-
bound Si. In the experiment with real sediments I used the previously acquired knowledge to 
interpret the observations. Below, I highlight the major findings of this thesis and how these 
findings have collectively advanced our understanding of the mechanisms controlling the recycling 
of nutrient silicon in freshwater environments, in particular bottom sediments and stratified water 
columns. 
6.1.1 Dissolution kinetics of ASi  
6.1.1.1 Surface-reaction controlled dissolution kinetics of ASi 
The dissolution of ASi is the first step in the recycling of bioavailable DSi to the water column. 
By conducting batch experiments under well-controlled conditions, the dissolution kinetics and 
rate constants of different ASi materials were compared in Chapter 2. In the absence of surface 
complex forming agents, variations in the ASi dissolution rate constant can be explained with a 
surface reaction model, which shows that the concentrations, charge distribution, and accessibility 
of surface sites control the dissolution kinetics. The results confirm the non-linear relationship 
between the ASi dissolution rate constant and the degree of undersaturation, implying that at least 
two dissolution rate constants are needed to describe the dissolution kinetics from high (on 
average >0.4) to low (on average <0.4) degree of undersaturation of the solution with respect to 
ASi. The quantitative relationships between the ASi dissolution rate constant and environmental 
variables, including pH, degree of undersaturation and salinity, observed in Chapter 2 contribute 
to the general framework to quantitatively predict dissolution rates of ASi in different freshwater 
systems. 
6.1.1.2 Dissolution kinetics of ASi: effect of dissolved Fe(II) 
In Chapter 3, the dissolution rate of a model ASi (Aerosil OX 50 in this chapter) was measured in 
the presence of variable amounts of Fe(II) under anoxic conditions. The results indicate that the 
adsorption of Fe(II) generally inhibits dissolution. However, the surface reaction model presented 
in Chapter 2 cannot fully account for the effects of Fe(II). Instead, a Langmuir adsorption model 
that incorporates two types of surface groups (surface silicate groups bonded to the silica lattice 
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via two bridging oxygens, Q2, and surface silicate groups bonded to the silica lattice via three 
bridging oxygens, Q3) was used to describe the effect of Fe(II) on the dissolution kinetics of ASi. 
The adsorption model suggests that Fe(II) preferentially binds to Q2 groups, which causes the 
dissolution to slow down. The adsorption of Fe(II) to Q3 groups is less favorable and therefore 
only happens when most Q2 groups are occupied. However, binding of Fe(II) to Q3 increases the 
reactivity of the surface groups, hence, accelerating ASi dissolution. Thus, the coordinative 
arrangements of exposed surface groups affect the dissolution of ASi in the presence of Fe(II). 
6.1.2 Co-precipitation of Si during oxidative precipitation of Fe(III) oxyhydroxides 
In Chapter 4, I studied the effects of dissolved phosphate (DP), pH and molecular diffusion on DSi 
immobilization during the oxidative precipitation of Fe(III) oxyhydroxides by exposing anoxic 
solutions containing mixtures of dissolved Fe(II), DSi and varying concentrations of DP to oxygen 
in both batch and agarose column systems. The experimental results from the homogeneous batch 
experiments show that the oxidative precipitation of Fe(II) can immobilize considerable amounts 
of DSi at high pH values, unless high concentration of DP are present. DP effectively outcompetes 
DSi for complexation with aqueous Fe(II) and for adsorption to newly formed Fe(III) 
oxyhydroxides. In contrast to the DSi uptake observed in the batch Fe(II) oxidation experiments, 
the results of the column experiment indicate that diffusive transport decreases not only the 
oxidation rate of Fe(II), but also the extent of Si co-precipitation. Collectively, the results in this 
chapter show that DSi retention by oxidative precipitation of Fe(II) is controlled by the relative 
abundance of DP and the rate of Fe(II) oxidation, which along redox gradients is in turn controlled 
by the diffusion rates of aqueous Fe(II) and O2.  
6.1.3  DSi and DP effluxes from natural freshwater sediment 
In Chapter 5, I investigated the interactions between Fe(II), DSi and DP, and their roles in the 
internal DSi loading from natural sediments, using a series of parallel flow-through columns filled 
with homogenized sediment collected in a freshwater marsh. Anoxic solutions containing variable 
concentrations of Fe(II), DSi and DP were pumped upward through the columns. The overlying 
water was either kept oxic by remaining open to the atmosphere and purging with O2 or allowed 
to go anoxic by sealing the top caps of the columns. During the oxic periods, the sediment column 
acted as a sink of Fe and DP, retaining all the dissolved Fe(II) and most of the DP supplied via the 
inflow. When the overlying water turned anoxic, efflux of Fe(II) and DP from the columns was 
observed. This implies a strong coupling of Fe and P cycling where the precipitation of Fe(III) 
oxyhydroxides in the topmost sediment effectively retained DP. In contrast to Fe(II) and DP, there 
was little evidence of DSi retention during oxic periods. In addition, no systematic changes were 
observed in the DSi efflux upon switching to anoxic overlying water, indicating a decoupling of 
the Fe and Si cycles. A net efflux of DSi was also observed for DSi-free inflow solution, implying 
dissolution of reactive (bio)siliceous debris originally present in the natural sediment. Overall, the 
results with the natural sediment confirm that the presence of high DP levels inhibit the co-
precipitation and adsorption of DSi, hence preventing DSi retention in sediments under oxic 
overlying water. I conclude that the relative production rates of porewater DP and DSi likely 
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represents a major control on the redox dependence of internal Si loading in freshwater systems. 
These results show that DSi release from sediments does not necessary exhibit a simple 
dependency on bottom water oxygen conditions. 
6.2 Research perspectives and future directions 
6.2.1 Significance of the research 
Dissolved silicon (DSi) is an important auxiliary nutrient in freshwater aquatic environments with 
implications for the species composition of phytoplankton communities. Exchanges of nutrients 
between water column and sediment in freshwater aquatic environments, such as wetlands, lakes 
and reservoirs, are an important control on nutrient cycling. This is especially true for nutrient Si 
because of the biological production of amorphous silica (ASi), whose subsequent dissolution 
regenerates DSi. Furthermore, interactions between Si and Fe may lead to the immobilization of 
Si by co-precipitation with and adsorption to ferric iron phases. In these latter processes, however, 
DSi competes with DP. In this thesis, I have shown that controlled experiments of increasing 
complexity provide one way to unravel the roles of different reaction pathways in controlling the 
release and/or immobilization of DSi via interactions involving ASi and Fe mineral phases. The 
outcomes of the experiments represent important contributions to our understanding of Si cycling 
in freshwater ecosystems. These contributions include the following.  
Firstly, my work confirmed the quantitative framework for relating the ASi dissolution rate 
constant to key environmental variables, including pH, salinity and degree of undersaturation. 
More importantly, the ASi dissolution rate can be represented using two rate constants that are 
based on the degree of undersaturation. Then, by studying the role of particle-active Fe(II) and 
conducting dissolution experiment under anoxic conditions, I show, for the first time, that the 
coordinative arrangements of surface groups affect the dissolution rate of ASi and accounts for the 
effect of a major constituent of many anoxic environments. Unraveling the mechanisms of ASi 
dissolution helps not only to predict the recycling rate of ASi in different freshwater systems, but 
also to interpret ASi distributions in lake sediments for reconstructing paleolimnological 
conditions, hence providing insights into change in trophic state of lakes over time. 
Secondly, I have demonstrated that the DSi produced by ASi dissolution can be immobilized 
during the oxidative precipitation of Fe(II), in particular under alkaline pH values and in the 
presence of low concentrations of DP. However, the contribution of co-precipitation to DSi 
immobilization under oxic conditions may have been overestimated in previous studies, because 
DSi incorporation into ferric iron co-precipitates can be limited by relatively high DP 
concentrations and slow transport-controlled rates of Fe(II) oxidation in redox-stratified 
environments. The results imply that the speciation and stability of legacy P pools in sediments, 
as well as recent depositional P inputs exert an important control on the internal loading of DSi in 
freshwater lakes and wetlands. 
Lastly, with the mechanisms unravelled and the kinetic information obtained in this study, 
geochemical reactions that control DSi release can be incorporated into the reactive transport 
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model developed for P, thus predicting internal loading of DSi, DP and dissolved Fe at the same 
time. 
6.2.2 Future directions 
To better understand the mechanisms of internal DSi loading from natural freshwater sediments, 
the effects of biotic processes and the relative importance of other forms of reactive particulate 
silica need to be further studied. Below, I highlight some of the topics that could be the focus of 
future research that builds on this thesis’ work. 
6.2.2.1 ASi dissolution mediated by microbial processes under different oxygen conditions  
The diatom frustules used in this study (Chapter 2) to study ASi dissolution kinetics were 
pretreated with concentrated nitric acid to remove any organic matter. However, biogenic ASi in 
nature is usually intimately associated with, and protected by, an organic matrix (Bidle and Azam, 
1999; Lehtimaki et al., 2016; Lewin, 1961). After the death of a diatom, either after the end of its 
lifecycle or after processing through the digestive system, colonization by bacterial assemblages 
and the activity of extracellular hydrolytic enzymes lead to the removal of the organic matrix, 
progressively exposing the silica surface to the aqueous medium. In addition to the removal of 
organic matrix, microbe-associated biofilms can also locally shift the pH to higher than 9, 
enhancing ASi dissolution (Lehtimaki et al., 2016). Oxygen conditions have been shown to affect 
the composition of the microbial community that mediates the decomposition of the organic matrix 
surrounding ASi by modifying dissolution of ASi as shown by Lehtimaki et al. (2016) and Villnas 
et al. (2012). However, the latter two studies provide preliminary insights and further research with 
real benthic communities remain to be carried out. Overall, the net effects of microbial processes 










Figure 6.1. Three species of amorphous silica (ASi) in surface sediments and their relative 
dissolution kinetics under different oxygen conditions. These three ASi materials represent ASi 
species under end-member conditions. Fresh diatom detritus comprises dead diatoms settling 
through the water column: they are characterized by having an organic matter matrix coating and 
are typically found in shallow fresh waters with recent diatom blooms. Exposed diatom frustules 
are diatom detritus after the disappearance of the organic matrix coatings and exposed to 
adsorbates, such as Fe(II) under anoxic conditions. Aged ASi represents ASi imported from 
external sources and can be terrestrial phytoliths and diatom frustules transported by surface runoff 




6.2.2.2 Microbial Fe(II) oxidation and its role in DSi immobilization  
The oxidative precipitation of Fe(II) appears to play a smaller role in the real-world immobilization 
of DSi than may be deduced from simple batch reaction systems (Chapter 4). However, care needs 
to be taken when extrapolating this conclusion to complex natural sediments. On one hand, ternary 
complexes with humics and Fe(III) oxyhydroxides may form in natural sediments (Gerke, 1993; 
Hermann and Gerke, 1992), which can also contribute to the redox-dependent behavior of internal 
DSi loading. The formation of ternary complexes has been recognized to enhance the adsorption 
of P to humic substances. Mortimer (1941) proposed that the dissolution of the adsorbent complex, 
ferric-silico-humate, may lead to a rise in DSi concentration under anoxic conditions. However, 
the role of ternary complexes on the immobilization of DSi has not been identified directly. 
Furthermore, microorganisms affect not only the degradation of organic matter coating of ASi, but 
also the oxidation and reduction mechanisms of Fe (Davison, 1993). For example, Fe(III) 
oxyhydroxides produced by the oxidation of Fe(II) mediated by Fe-oxidizing bacteria exhibit 
smaller particle sizes than those obtained via abiotic oxidation (Chatellier et al., 2004), which 
affects the surface sites density for the adsorption of DSi. Additionally, the presence of DSi has 
also been shown to increase the oxidation rate of Fe(II) mediated by Fe-oxidizing bacteria (Gauger 
et al., 2016; Konhauser et al., 2007). Therefore, further studies are required to assess the roles of 
microbial Fe(II) oxidation on the immobilization of DSi in natural sediments. 
6.2.2.3 Importance of other reactive particulate Si phases 
The adsorption of Fe(II) blocks reactive surface sites and inhibits ASi dissolution (Chapter 3). 
However, the inhibition reaches a maximum with increasing adsorbed Fe(II), leading to the 
conclusion that different surface groups react differently to the binding of multi-valent cations. 
Overall, trace amounts of Fe(II) adsorption can lead to a significant decrease of the dissolution rate 
constant of ASi. Although the solubility of dissolved Al is very low (Lydersen, 1990), the 
adsorption of traces amounts of Al may similarly inhibit the dissolution of ASi drastically. 
Previous studies have shown that the dissolution rate constant of ASi decreases with increasing Al 
incorporated in silica (Van Cappellen et al., 2002), while the solubility of ASi also decreases with 
increasing Al concentration (Dove, 1995; Lewin, 1961). The decreased solubility could be due to 
the inhibition effects of Al adsorption or surface precipitation during ASi dissolution resulting in 
the precipitation of an aluminosilicate phase (Houston et al., 2008); either way, Si is immobilized. 
The interaction between Al and Si does not in itself induce a redox-dependent behavior of DSi. 
However, Fe(II) and Al exist in porewater simultaneously. Therefore, the presence of Al may 
compete with Fe(II) for surface sites of ASi , indirectly causing redox conditions to affect ASi 
dissolution kinetics.  
In addition, DSi immobilized by Fe(III) oxyhydroxides in oxic surficial sediments will ultimately 
be buried into deeper, anoxic layers. The ensuing reductive dissolution of Fe(III) oxyhydroxides 
leads to the release of DSi whose transport into the overlying water is limited by relatively slow 
diffusion. The accumulation of DSi near the oxic-anoxic transition can lead to the precipitation of 
aluminosilicate minerals, especially when the Al3+ concentration is high (Beardmore et al., 2016; 
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Exley and Birchall, 1993; Gallup, 1997; Gallup, 1998; Iler, 1973), which could be a terminal sink 
of DSi (as proposed in the scenario on the left in Figure 6.2). There are some indications that Si 
released from Fe(III) oxyhydroxides under anoxic conditions may be resorbed by Al oxides 
(Nteziryayo and Danielsson, 2018a; Siipola et al., 2016). The roles of Al in controlling DSi 









Figure 6.2. Suggested effects of iron minerals on the immobilization of DSi. Substantial retention 
of DSi occurs only if the Fe concentration, including solid iron minerals and aqueous Fe(II), are 
high and the concentrations of competing anions, notably DP, are low (left scenario). The ability 
of iron minerals to immobilize DSi is minor when the concentrations of DP and/or other anions 
that outcompete DSi for sorption sites and/or precipitate with Fe(II) are high (right scenario).  
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6.2.2.4 Bioturbation-induced disturbance to transport may be important to consider 
The transport of participating solutes affects the reaction kinetics of DSi immobilization in column 
systems (Chapter 4 and 5). In this study, only diffusion and advection were considered. Benthic 
biota may also substantially influence internal DSi loading. Specifically, the transport of solute 
and particulate in sediments will be affected by bioirrigation and bioconveying, which are 
collectively referred to as bioturbation (Matisoff et al., 1985; Orihel et al., 2017; Parsons et al., 
2017). Bottom feeding fish such as carp can disturb surface sediment, leading to the release of DSi 
to porewater and thus increasing DSi efflux to the overlying water. Tube-dwelling organisms, 
including invertebrates and vertebrates increase the complexity of oxygen conditions in sediments 
(Aller, 1994). In addition, oxygen conditions of bottom water affect the activity of benthic biota. 
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Appendix A                                                                 
Supplementary information for Chapter 2 
Table A.1. The degree of undersaturation that was shown to be the boundary of fast and slow 









Quartz Fused quartz glass 
150 ℃ 
0.48 
Dove et al., 2008 Synthetic 
silica 
Synthetic silica glass 0.46 
2 KTB06-t 
Sediment cores were collected 
from the Subantarctic zone of the 
Sounthwest Indian Ocean, and 
sliced for the dissolution of 
siliceous oozes at different depths 
25 ℃ 
0.53 












Dissolution of quartz a batch 
reactor 
300 ℃ 0.81 Berger et al., 1994 
5 Quartz 
Dissolution of quartz in flow-
through reactor at 33 Mpa 
25-374 ℃ 0.48 Zhang et al., 2015 
6 
M31/2 
 Sediments from Norwegian Sea 






Sediments from Arabian Sea 
enriched with biogenic silica 
0.47 
MC-1-3 
Sediments from Norwegian Sea 
enriched with biogenic silica 
0.50 
PS-2312-1 





Sediment trap from Norwegian 
Sea 
0.74 
Trap-BO Sediment trap from Weddel Sea 0.33 
Pn-T, 
Antarctica 
Phytoplankton bloom, dominated 
by Rhizosolenia sp. 
0.75 
Pn-Nitschia Cultured Thalassiosira antarctica 0.50 
7 
H21 
Sediments enriched with biogenic 
silica were collected from Yellow 
Sea.  
 20 ℃ 
0.60 






Sediments enriched with biogenic 









FB-V Sediments that are characterized 
with seasonal deposition of 
phytodetritus were collected from 
northeast Atlantic Ocean in 
different seasons.  
5 ℃ 
0.54 





Sediments were collected from 
equatorial Pacific. 
5 ℃ 0.48 




Surface sediments were collected 




















Table A.2. First-order rate constants of different ASi materials under the three dissolution regimes 
observed in the batch experiments. The initial dissolution corresponds to when about 10% of the 
initial total ASi; fast dissolution corresponds to dissolution at degrees of undersaturation ≥ 0.4; 
slow dissolution corresponds to dissolution at degrees of undersaturation ≤ 0.4. 
ASi type 
Initial dissolution kini Fast dissolution k 
Slow dissolution 
kslow 
 µmol m-2 h-1  µmol m-2 h-1  µmol m-2 h-1 
Aerosil OX 50 0.35 0.28 0.20 
Cyclotella sp. 0.68 0.40 0.27 
Cyclotella 
meneghiniana 
0.49 0.22 0.13 
Navicula pelliculosa 0.59 0.32 0.25 




Appendix B Supplementary information for Chapter 3 
Table B.1. Concentrations of dissolved Si (DSi) after 6000 hours of dissolution in the presence of 
varying initial Fe(II) concentrations. 
  Initial Fe(II) concentration 
  0 µM 2 µM 20 µM  200 µM  
DSi concentration after 6000 
hours of dissolution (µM) 
1712 1712 1700 1575 
 
 
Figure B.1. Solubility diagram for the Fe2+-SiO2-H2O system at 25 °C. Solid line correspond to 
previously estimated greenalite solubility (Tosca et al.,2016). Dashed lines include solubility-
limiting phases: amorphous silica (this study) and freshly precipitated Fe(OH)2 (Feitknecht and 
Schindler, 1963). Squares represent the aqueous composition of 10 g L-1 ASi suspensions in the 
presence of 0 to 2000 µM Fe2+, assuming that DSi concentration is the solubility of Aerosil OX 
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Figure C.1. The evolution of DP profiles in agar columns with time. Before exposure to air, the 
initial chemical composition is homogeneous throughout the agarose columns with Fe(II), P, and 
Si concentrations being 270, 54, and 150 µM respectively. Two agarose columns were sacrificed 
at 6, 21, 45, 79, 93 and 152 hours of air exposure at one end. The agarose columns were sliced into 
approximately 0.3 cm pieces in the anaerobic chamber, and dissolved phases were extracted with 
background solution and acidified before being taken out of the chamber for analysis. The initial 
pH is 7.0 with 20 mM HEPES as the pH buffer and the temperature of oxidation is controlled at 
25±1 °C. Scattered data points represent experimental data of DP extracted, and solid lines 







Figure C.2. Oxidation of 300 µM Fe(II) in the presence of 270 µM dissolved silicon and 80 µM 
dissolved phosphate at pH 7.0 (data points). Model outputs are represented by solid lines.  
 
 
Figure C.3. Model-predicted vertical distribution of overall oxidation rate of Fe(II) and dissolved 




C.1 Further information on the kinetic modeling 
C.1.1 Reactions and transport 
The model included the least number of reactions possible while still describing the co-
precipitation processes adequately (Table 4.3). Briefly, the model includes the homogenous 
oxidation of Fe(II) (Reaction 1), the polymerization and condensation of Fe(III) (Reaction 2), the 
adsorption and desorption of Fe(II) to the surface sites of Fe(III) oxyhydroxide (Reaction 3+ and 
3-), the heterogeneous oxidation of Fe(II) and surface precipitation of Fe(III) (Reaction 4), the 
complexation and dissociation of Fe(II) and DSi (Reaction 5+ and 5-), the oxidation of Fe(II) and 
DSi complexes (Reaction 6), the adsorption and desorption of DSi to the surface sites of Fe(III) 
oxyhydroxides (Reaction 7+ and 7-), the complexation and dissociation of Fe(II) and DP (Reaction 
8+ and 8-), the oxidation of Fe(II) and DP complexes (Reaction 9), and the adsorption and 
desorption of DP to the surface sites of Fe(III) oxyhydroxides (Reaction 10+ and 10-). The value 
of n represents the growth of surface sites of Fe(III) oxyhydroxides during precipitation. To 
account for the diffusive transport of chemicals in the agarose columns, I incorporated molecular 








R1 homogeneous oxidation of Fe(II) FeII + (1/4)O2  → FeIII  k1[Fe
II][O2] 
R2 polymerization and condensation of Fe(III) FeIII + FeIII →  >FeOH  k2[FeIII][FeIII] 
R3(+)α 
adsorption of Fe(II) to the surface sites of Fe(III) 
oxyhydroxide 
>FeOH + nFeII → >FeO(FeII)n k3+{>FeOH}[Fe
II] 
R3(-)α 
desorption of Fe(II) to the surface sites of Fe(III) 
oxyhydroxide 
>FeOH + nFeII   >FeO(FeII)n k3-{>FeO(Fe)n} 
R4 
heterogeneous oxidation of Fe(II) and surface precipitation of 
Fe(III) 
>FeO(FeII)n + (n/4)O2  → Fe(OH)3(s) + 
n>FeOH 
k4{>FeO(Fe)n}[O2] 
R5(+)α complexation of Fe(II) and DSi FeII + Si   → FeIISi  k5+[FeII][Si] 
R5(-)α dissociation of Fe(II) and DSi FeII + Si   FeIISi  k5-[FeIISi] 
R6 oxidation of Fe(II) and DSi complexes FeIISi + (1/4)O2 → FeOHSi(s) k6[Fe
IISi][O2] 
R7(+)α adsorption of DSi to the surface sites of Fe(III) oxyhydroxides >FeOH + Si → >FeOSi  k7+{>FeOH}[Si] 
R7(-)α desorption of DSi to the surface sites of Fe(III) oxyhydroxides >FeOH + Si  >FeOSi  k7-{>FeOSi} 
R8(+)α complexation of Fe(II) and DP 2FeII + P → (FeII)2P k8+[Fe
II][P] 
R8(-)α and dissociation of Fe(II) and DP 2FeII + P ( FeII)2P k8-[(Fe
II)2P] 
R9 oxidation of Fe(II) and DP complexes (FeII)2P + (1/2)O2  → (FeIII)2P(s) k9[(Fe
II)2P][O2] 
R10(+)α adsorptionof DP to the surface sites of Fe(III) oxyhydroxides >FeOH + P → >FeOP k10+{>FeOH}[P] 
R10(-)α desorption of DP to the surface sites of Fe(III) oxyhydroxides >FeOH + P  >FeOP k10-{>FeOP} 
Note: FeII =  dissolved ferrous iron, FeIII = dissolved ferric iron, Si = dissolved silicon, P = dissolved phosphate, Fe(OH)3 = bulk solid Fe(III) 
oxyhydroxides (not surface), FeOHSi(s) = coprecipitates of Fe(III) oxyhydroxides and Si in bulk solid, (FeIII)2P = ferric iron 
phosphate,  >FeOH = surface site of Fe(III) oxyhydroxides,  >FeOSi = the adsorption of Si on the surface sites of Fe(III) 
oxyhydroxides, >FeOP = the adsorption of P on the surface sites of Fe(III) oxyhydroxides                                                                                  
[] = solute concentration (µmol L-1), {} = solid concentration (µmol g-1) 
R = reaction rate (µmol L-1 h-1 or µmol g-1 h-1, k = reaction rate constant (µmol-1 h-1),  
α Reactions (3, 5, 7, 8 and 10) where equilibrium has been assumed. 
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C.1.2 Implement of the model 
C.1.2.1 Overview of PorousMediaLab 
The toolboxes PorousMediaLab (PML) were used to model the experimental data collected, fit the 
kinetic parameters using an optimization procedure, and perform a sensitivity analysis. 
PML is a computer program written in Python programming language that is designed to perform 
a wide variety of biogeochemical modelling in the aquatic environment (Markelov, 2019). The 
mathematical representation of the model consists of the coupled nonlinear partial differential 













(𝜔𝜃𝐶𝑖) + 𝜃∑𝑅(𝑥, 𝑡, 𝐶𝑖 , … ) (C.1) 
where Ci is concentration of ith reactant; θ is the porosity φ for dissolved species and (1 − φ) for 
solid species; Di is effective diffusion constant; ω is advective term; R(x, t, Ci, ...) represents mass-
conservation of the reaction term, i.e. sum of all sources and sinks of particular reactant. PML 
solves the one-dimensional advective-diffusive transport in Equation (C.1) using the transport 
integration of Crank-Nicolson finite difference scheme. Kinetic reactions in Equation (C.1) are 
solved using Butcher’s Fifth-Order Runge-Kutta method. 
With the operator splitting technique, PML allows for the decoupling of transport (the first and 
second terms on the right-hand side of Equation (C-1)) and reactive terms (the second term on the 
right-hand side of Equation (C-1)). Specifically, PML simulates the reactions in homogeneous 
systems (e.g., batch reactors). While in heterogeneous systems (e.g., column reactors), PML 
simulates one-dimensional reactions, as well as advective-diffusive transport. More details of these 
two cases are described in case studies bellow. 
C.1.2.2 Case 1: batch experiment 
The kinetic modeling aims to capture the change of measured concentrations of Fe(II), DSi and 
DP over time in batch reactors and evaluate the rate constants of chemical reactions listed in 
Table C.1 during the oxidative precipitation of Fe. 
In the well-mixed batch systems, reaction rates are not affected by transport process and therefore 
can be described in terms of reaction term. PML was used to build a kinetic model taking reactions 
listed in Table C.1 into account. The code was configured to automatically estimate parameters 
based on measured data using different methods of optimizer. In this study, Powell’s method was 
used to find a local minimum of normalized root mean square deviation between observed values 
and values predicted by the model. 
The model started with the simplest scenario, i.e., the oxidation of Fe(II) in the absence of DSi and 
DP, the observed data and rate constants were extracted from a previous study. The complexity of 
the model increased gradually, with the addition of DSi, and at last DP. By doing this, the number 
of unknown parameters was minimized for each optimization.  
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C.1.2.2.1 Parameter optimizations 
The kinetic model shown in Table C.1 includes not only homogeneous reaction (Reaction 1, 2, 5, 
6, 8, 9) but also interactions between aqueous and solid phases (Reaction 3, 4, 7, 10). Different 
from that of homogeneous reactions, the kinetics of surface reactions are limited by the changing 
concentration of surface sites, which cannot be measured directly during precipitation. Thus, the 
experimental data collected does not give insight into the concentration of surface sites. To solve 
this problem, a surface precipitation reaction was used to distinguish surface Fe atoms (>FeOH) 
that are available for surface reaction and bulk Fe atoms (Fe(OH)3) that are inaccessible in this 
study. Also, the stoichiometric coefficient, n, in Reaction 3 was added to reflect the growth of 
surface sites during precipitation. Mass balances of DO, Fe, Si and P are maintained with the 
stoichiometries listed in Table C.1. In reality, the stoichiometries of DSi and DP adsorption to 
surface sites of iron oxyhydroxides are not always equal to 1. The values are dependent on the 
concentration of DSi and DP relative the surface site concentrations, as well as pH of the aqueous 
medium (Hiemstra et al., 2007; Kanematsu et al., 2018; Sabur, 2019; Swedlund et al., 2010; Wang 
et al., 2017).  
The kinetic data obtained from batch experiments were used to evaluate the rate constants of these 
processes and n. First, kinetic data of the oxidation of Fe(II) in the absence of complexation agents 
and rate constants from Kinsela et al. (Kinsela et al., 2016) were used to evaluate the value of n. 
Specifically, the rate constants of the homogeneous oxidation (Reaction 1) and the polymerization 
(Reaction 2) that were published in previous papers were fixed as an unchangeable values (Kinsela 
et al., 2016; Pham et al., 2006; Pham and Waite, 2008). The adsorption of Fe(II) to surface sites 
was assumed to be very fast. Therefore, when combined with reverse reactions, the adsorption 
effectively achieved instantaneous equilibrium (Tamura et al.,1976). As a result, the factor n in 
Reaction 3 and the rate constant of Reaction 4 are the two variables that control the ratio of surface 
Fe to total iron in the solid phase. According to Michel et al. (2010), the structure of ferrihydrite 
has two end members that are particle size-dependent. The largest particles of ferrihydrite (with a 
diameter of about 7-9 nm) are supposed to be defect-free and have a OH:Fe ratio of only 0.2. Based 
on the assumption that surface sites are single coordinated (>FeOH), 0.2 is set as the lower 
boundary of the ratio of surface Fe to total Fe in the largest unit cell, which corresponds to a value 
of n = 1.3. The smallest nanoparticles of ferrihydrite (2.5 nm) consist of about 200 Fe atoms, 
among which about 120 atoms exist on the surface (Hiemstra, 2013). Therefore, 0.6 is assumed to 
be the upper boundary of the surface Fe to total Fe ratio in ferrihydrite, which corresponds to a 
value of n = 2.5.  
Freshly-precipitated ferrihydrite nanoparticles may aggregate and form larger particles (Li et al., 
2018). According to Rzepa et al. (2016), the particle size distribution of hematite with a Fe to Si 
molar ratio of 1 resulting from ferrihydrite annealing centers at 200 nm, where more than 85% of 
the particle are between 100 and 300 nm. Therefore, the ratios of surface Fe to total Fe could be 
as small as 0.002. However, in this study, the aggregation effects are assumed to be minor during 
the co-precipitation of Fe and Si. The value of n was set at 2 in this kinetic model, reflecting surface 
site density of these freshly precipitated iron oxyhydroxides 0.5 mol per mol Fe. By fitting the 
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kinetic model in this model (Reaction 1-4) to their kinetic data, the rate constants of Reaction 3 
and 4 were firstly optimized considering the stoichiometry of 2. The rate constants of Reaction 1 
and 4 were then optimized considering the mass balance of oxygen.  
The model proposed by Kinsely et al. (2016) properly describes the kinetics of dissolved Fe(II): 
DSi complexes with Fe(III) and precipitates as Si-ferrihydrite that inhibit the heterogeneous 
oxidation of Fe(II). However, it cannot be used to express the kinetics of DSi during the oxidation: 
much more DSi is predicted to be incorporated in solid phase than observed in this study. As 
discussed above, the mechanisms of DSi incorporation into Fe oxides can be separated into two 
regions. First, when the initial Fe(II) is high and the surface sites’ concentration is low, Fe(II) and 
DSi form complexes that are subsequently oxidized (Reaction 5 and 6). Second, DSi adsorbs to 
surface sites which are mostly produced by heterogeneous Fe(II) oxidation (Reaction 7 in Table 
C.1). Adsorption rate constants of Reaction 5 and 7 were fixed. Kinetic data in the presence of DSi 
but in the absence DP were fitted to the kinetic model (Reaction 1-7) for the optimization of the 
rate constants of Reaction 6 and the desorption rate constants of Reaction 5 and 7. 
Finally, the effects of DP on the overall oxidation rate of Fe(II) and the amount of DSi removed 
during co-precipitation are incorporated in the kinetic model. Adsorption rate constants of 
Reaction 8 and 10 were fixed. Kinetic data for Fe(II) oxidation in the presence of DSi and DP were 
fitted to the kinetic model (Reaction 1-10) for the optimization of the rate constants of Reaction 9 
and the desorption rate constants of Reaction 8 and 10. The rate constants were further validated 
by varying the initial DP concentrations. Consequently, the rate constants of Reactions 1-10 at pH 
6.5 and 7.0 are listed in Table C.1. The model output using rate constants at pH 7.0 are further 
represented by the solid lines in Table C.1, 4.9 and 4.10. 
C.1.2.3 Case 2: column experiment 
The kinetic modeling evaluates the rate constants of chemical reactions listed in Table C.1 
describing the coprecipitation of Fe(II), DSi and DP. While in heterogeneous systems, i.e., natural 
and near-natural systems, reaction rates are affected by not only chemical reactions but also 
transport processes. Therefore, the results from an experiment using agarose columns were used 
to develop a diffusion-reaction model to couple the effects of diffusive transport and reactions on 
the removal of DSi during Fe(II) oxidation. 
Molecular diffusion was included in the one-dimensional mass conservation equations. To solve 
these differential equations, additional initial and boundary conditions are required. Initial 
concentrations of all chemical species were known and shown in Table C.2. Oxygen can penetrate 
from the top of the column via molecular diffusion. A constant dissolved O2 concentration of 256 
µM was imposed as upper boundary. With a closed bottom end of the column, the lower boundary 
of dissolved O2 was set as a no-gradient boundary condition (i.e., zero flux). Since there is no 
exchange of other chemical species between column and the environment, zero fluxes were 




Table C.2. The input file for the simulation of one of the column experiments.  
 Description 
from porousmedialab.column import Column  
L = 7  maximum length (cm) 
phi = 0.98 porosity of 1% (wt.%) agarose a 
t = 21 maximum time (hour) 
dx = 0.01 space discretization 
dt = 0.001 time discretization 
ftc = Column(L, dx, t, dt)  
import numpy as np  
  
ftc.add_species(theta=phi, name='FeII', D=0.025, init_conc=270, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
Add chemical species considered, and assign porosity, initial condition, 
diffusion coefficient and boundary condition. 
 
Porosity (phi): 0.98  (Pluen et al., 1999). 
 
Diffusion coefficient (D, cm2 h-1): the diffusion coefficients of dissolved 
Fe(II), O2, and P were sorted and calibrated for temperature using method 
described in Boudreau, (1997). Diffusion coefficient of dissolved Si at 25 °C 
was extracted from Rebreanu et al., (2008). Those of aqueous complex were 
set to be that of dissolved Fe(II), those of solid species were set to be much 
smaller than those of dissolved species, indicating the immobility of solids. 
 
Initial condition (init_conc): concentrations shown in Table 4.2, initial 
concentration of dissolved O2 in agarose column is zero. 
 
Boundary condition of all chemical species: ‘flux’ = specify the flux at the 
boundary, ‘dirichlet’ = specify the concentration of unknown dependent 
variable at the boundary. 
ftc.add_species(theta=phi, name='FeIII', D=0.025, init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeOH', D=(1e-18)/(365*24), init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeOH3', D=(1e-18)/(365*24), 
init_conc=0, bc_top_value=0, bc_top_type='flux', bc_bot_value=0, 
bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeOFe', D=(1e-18)/(365*24), init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=phi, name='Si', D=0.042, init_conc=150, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=phi, name='FeIISi', D=0.025 , init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeOHSi', D=(1e-18)/(365*24), 
init_conc=0, bc_top_value=0, bc_top_type='flux', bc_bot_value=0, 
bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeOSi', D=(1e-18)/(365*24), init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=phi, name='P', D=0.028, init_conc=54, bc_top_value=0, 
bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=phi, name='FeIIP', D=0.025 init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeIIIP', D=(1e-18)/(365*24), init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
ftc.add_species(theta=1-phi, name='FeOP', D=(1e-18)/(365*24), init_conc=0, 
bc_top_value=0, bc_top_type='flux', bc_bot_value=0, bc_bot_type='flux') 
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ftc.add_species(theta=phi, name='O2', D=0.072, init_conc=0, 




ftc.constants['k_1'] = 9.7e-4  
ftc.constants['k_2'] = 3.6e3   
ftc.constants['k_3_f'] = 3.6e5  
ftc.constants['k_3_b'] = 8.3e3 
ftc.constants['k_4'] = 2.5e-2  
ftc.constants['k_5_f'] =3.6e5  
ftc.constants['k_5_b'] = 1.3e5  
ftc.constants['k_6'] =4.2e-3  
ftc.constants['k_7_f'] = 3.6e5     
ftc.constants['k_7_b'] = 8.7e5  
ftc.constants['k_8_f'] = 3.6e6 
ftc.constants['k_8_b'] =8.5e2  
ftc.constants['k_9'] = 1.1e-2  
ftc.constants['k_10_f'] = 3.6e6 
ftc.constants['k_10_b'] = 4.3e2  
ftc.constants['n'] = 2 
Rate constants for chemical reactions listed in Table C.1 at pH 7 (µmol-1 hour-
1) 
‘f’ = ‘+’ in Table C.1, indicating forward reaction 
‘b’ = ‘-’ in Table C.1, indicating backward reaction 
  
ftc.rates['R1'] = 'k_1*(O2)*(FeII)' 
ftc.rates['R_2'] = 'k_2 *(FeIII)*(FeIII)' 
ftc.rates['R_3_f']='k_3_f*FeOH*(FeII)'  
ftc.rates['R_3_b']='k_3_b*FeOFe'   
ftc.rates['R_4'] = 'k_4 *(O2)*FeOFe' 
ftc.rates['R_5_f'] ='k_5_f*(FeII)*Si '  
ftc.rates['R_5_b1'] = 'k_5_b*(FeIISi)'  
ftc.rates['R_6'] = 'k_6*(FeIISi)*(O2)'  
ftc.rates['R_7_f'] = 'k_7_f*FeOH*Si'  
ftc.rates['R_7_b'] = 'k_7_b*FeOSi'  
ftc.rates['R_8_f'] = 'k_8_f*(FeII)*P'  
ftc.rates['R_8_b'] = 'k_8_b*(FeIIP)'  
ftc.rates['R_9'] = 'k_9*(FeIIP)*(O2)'  
ftc.rates['R_10_f'] = 'k_10_f*FeOH*P'  
ftc.rates['R_10_b'] = 'k_10_b*FeOP' 
Kinetic formulations for chemical reactions listed in Table C.1 
  
ftc.dcdt['FeII'] = ' - R_1 -n*(R_3_f) + n*(R_3_b) – (R_5_f) + (R_5_b) - 
2*(R_8_f) + 2*(R_8_b) '    
ftc.dcdt['FeIII'] = ' R_1 -2*R_2  '  
Ordinary differential equations for all chemical species 
 
185 
ftc.dcdt['FeOH'] = '2*R_2 - R_3_f + n*R_4  + R_3_b - R_7_f + R_7_b - R_10_f 
+ R_10_b' 
ftc.dcdt['FeOFe'] = '(R_3_f) - R_4 – (R_3_b)' 
ftc.dcdt['FeOH3'] = 'R_4' 
ftc.dcdt['Si'] = '-R_5_f + R_5_b - R_7_f + R_7_b' 
ftc.dcdt['FeIISi'] = 'R_5_f- R_5_b - R_6' 
ftc.dcdt['FeOSi'] = 'R_7_f - R_7_b' 
ftc.dcdt['FeOHSi'] = 'R_6' 
ftc.dcdt['P'] = '-R_8_f + R_8_b - R_10_f + R_10_b' 
ftc.dcdt['FeIIP'] = 'R_8_f - R_8_b - R_9' 
ftc.dcdt['FeOP'] = 'R_10_f - R_10_b' 
ftc.dcdt['FeIIIP'] = 'R_9' 
ftc.dcdt['O2'] = '-0.25*R_1 - (n/4)*R_4 – 0.25*R_6 - (0.5)*R_9' 
  
ftc.solve() solver FiPy (Guyer et al., 2009) for transport step 
Fortran solver LSODA package (Jones et al., 2001) for the reaction step 
The computer code for PML is divided into seven files of Python code. Each file corresponds to a different task. Main class and 
definitions of all shared between subclasses methods are contained in lab.py. The codes for simulation of the well-mixed reactor and 1-
dimensional diffusive transport are located in batch.py and column.py, respectively. Files desolver.py and equilibriumsolver.py contain 
methods for computation of kinetic and equilibrium reactions. Additional calibrator.py and plotter.py files contain methods for 





The kinetic data obtained from batch experiments were used to evaluate the rate constants of these 
processes and n. First, kinetic data of the oxidation of Fe(II) in the absence of complexation agents 
and rate constants from Kinsela et al. (Kinsela et al., 2016) were used to evaluate the value of n. 
Specifically, the rate constants of the homogeneous oxidation (Reaction 1) and the polymerization 
(Reaction 2) that were published in previous papers were fixed as an unchangeable values (Kinsela 
et al., 2016; Pham et al., 2006; Pham and Waite, 2008). The adsorption of Fe(II) to surface sites 
was assumed to be very fast. Therefore, when combined with reverse reactions, the adsorption 
effectively achieved instantaneous equilibrium (Tamura et al). As a result, the factor n in Reaction 
3 and the rate constant of Reaction 4 are the two variables that control the ratio of surface Fe to 
total Fe in the solid phase. According to Michel et al. (2010), the structure of ferrihydrite has two 
end members that are particle size-dependent. The largest particles of ferrihydrite (with a diameter 
of about 7-9 nm) are supposed to be defect-free and have a OH:Fe ratio of only 0.2. Based on the 
assumption that surface sites are single coordinated (>FeOH), 0.2 is set as the lower boundary of 
the ratio of surface Fe to total Fe in the largest unit cell, which corresponds to a value of n = 1.3. 
The smallest nanoparticles of ferrihydrite (2.5 nm) consist of about 200 Fe atoms, among which 
about 120 atoms exist on the surface (Hiemstra, 2013). Therefore, 0.6 is assumed to be the upper 
boundary of the surface Fe to total Fe ratio in ferrihydrite, which corresponds to a value of n = 2.5.  
Freshly-precipitated ferrihydrite nanoparticles may aggregate and form larger particles (Li et al., 
2018). According to Rzepa et al. (2016) (Rzepa et al., 2016), the particle size distribution of 
hematite with a Fe to Si molar ratio of 1 resulting from ferrihydrite annealing centers at 200 nm, 
where more than 85% of the particle are between 100 and 300 nm. Therefore, the ratios of surface 
Fe to total Fe could be as small as 0.002. However, in this study, the aggregation effects are 
assumed to be minor during the co-precipitation of Fe and Si. The value of n was set at 2 in this 
kinetic model, reflecting surface site density of these freshly precipitated iron oxyhydroxides 0.5 
mol per mol Fe. By fitting the kinetic model in this model (Reaction 1-4) to their kinetic data, the 
rate constants of Reaction 3 and 4 were firstly optimized considering the stoichiometry of 2. The 
rate constants of Reaction 1 and 4 were then optimized considering the mass balance of oxygen.  
The model proposed by Kinsely et al. (2016) properly describes the kinetics of dissolved Fe(II): 
DSi complexes with Fe(III) and precipitates as Si-ferrihydrite that inhibit the heterogeneous 
oxidation of Fe(II). However, it cannot be used to express the kinetics of DSi during the oxidation: 
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much more DSi is predicted to be incorporated in solid phase than observed in this study. As 
discussed above, the mechanisms of DSi incorporation into Fe oxides can be separated into two 
stages. First, when the initial Fe(II) is high and the surface sites’ concentration is low, Fe(II) and 
DSi form complexes that are subsequently oxidized (Reaction 5 and 6). Second, DSi adsorbs to 
surface sites which are mostly produced by heterogeneous Fe(II) oxidation (Reaction 7 in Table 
4.3). Adsorption rate constants of Reaction 5 and 7 were fixed. Kinetic data in the presence of DSi 
but in the absence DP were fitted to the kinetic model (Reaction 1-7) for the optimization of the 
rate constants of Reaction 6 and the desorption rate constants of Reaction 5 and 7. 
Finally, the effects of DP on the overall oxidation rate of Fe(II) and the amount of DSi removed 
during co-precipitation are incorporated in the kinetic model. Adsorption rate constants of 
Reaction 8 and 10 were fixed. Kinetic data for Fe(II) oxidation in the presence of DSi and DP were 
fitted to the kinetic model (Reaction 1-10) for the optimization of the rate constants of Reaction 9 
and the desorption rate constants of Reaction 8 and 10. The rate constants were further validated 
by varying the initial DP concentrations. Consequently, the rate constants of Reactions 1-10 at pH 
6.5 and 7.0 are listed in Table 4.3. The model output using rate constants at pH 7.0 are further 




Appendix D                                                                 
Supplementary information for Chapter 5 
 
Figure D.1. Concentrations of DSi in the effluents of columns 4 and 5, and the two control columns, 
as a function of time. Column 4 was firstly supplied with “Fe, DSi” for 224 hours, and then with 
“P” for 280 hours under oxic conditions; column 5 was firstly supplied with “Fe” for 144 hours, 
then with “DSi” for 80 hours, and finally with “P” for 280 hours under oxic conditions. The 
influent to columns 4 and 5 was switched to “P” under anoxic conditions after 504 hours. Control 
columns were supplied with only APW throughout the incubation experiment, and the overlying 





Figure D.2. Relationship between 1 M NaOH extractable Al, Fe and Si in sediments from columns 
1, 2, 4 and 5. Column 1 was flushed with “DSi” for 9 days under oxic conditions, column 2 was 
flushed with “DSi” for 9 days under oxic conditions, and then flushed with “DSi” for 32 days 
under anoxic conditions. Column 5 was flushed with “Fe, DSi” for 9 days under oxic conditions, 
column 4 was firstly flushed with “Fe, DSi” for 9 days under oxic conditions, then with “DSi” for 
32 days under anoxic conditions.  
 
 
